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Preface 



This book was written for researchers and engineers interested in the precipitation 
of oxides and the physicochemical properties of their surfaces. Oxides play an 
important role in the blooming science of finely divided materials. 

The main objectives of this book are twofold: 

• to describe the logic behind the formation of oxides from solutions, 

• to introduce the basics of the physics and chemisti^ of oxide surfaces, which are 
at the core of the behavior of small particles in suspension. 

In spite of the extensive scientific literature, there are few books on this topic. 
Precipitation is usually discussed using the macroscopic concept of solubility 
product. From this angle, the behavior of cations in solution appears very confusing. 
Moreover, the physics and chemistry of aqueous oxide solutions are an equally 
important topic from both fundamental and practical standpoints. They are seldom 
included in university curricula. 

I wrote this book, at Jacques Livage’s instigation, using the classes I teach at the 
University Pierre and Marie Curie in Paris as a blueprint. I have also included Marc 
Henry’s partial charges model, based on the principle of electronegativity equaliza- 
tion as demonstrated by Sanderson. The pedagogical interest of this model is its 
simplicity. Like any model, its use requires a full understanding of its limitations. 
,The second part of. the book contains results of our research with Elisabeth Tronc. I 
wish to thank her and express the great esteem I have held her in throughout our 
collaboration. I am also grateful to the students we have supervised together: 
Philippe Belleville, Christophe Barbe, Philippe Prene, Colette Levraud, Martine 
Richard, Lionel Vayssieres, Virginie Boulet, Corinne Chaneac. 

am greatly indebted to Elisabeth Tronc, Clement Sanchez and Fran9ois Ribot 
fof their support and the time they have spent reading and reviewing this manuscript. 
I have also greatly, appreciated the many discussions I have had with Roland 
Contant on tungsten poly anions and phosphate-tungsten aniohL 

I would like to thank the editors as well as the French and foreign colleagues who 
have allowed reproduction of their documents, in particular M. Figlarz (Amiens], 




preface 

E. Matijevic (Polsdam), CJ. Brinker (Albuquerque), T. Sugitomo (Sendai) and CJ. 

Serna (Madrid). . 

I wish to thank my wife, Arlette, for her patience during many evenings and 

weekends spent working on this book, and for her support during the past few years. 

I also wish to thank Jean Lefebvre, and acknowledge the memories of Gaston 
Chariot and Pierre Soiichay. Their teachings initiated me into the science of 
solutions- They are, without doubt, the foundation of my interest in the phenomena 
discussed here. 

J-P. JOLIVET 
Paris, July 1994 
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Introduction 



Metal oxides have long generated technological and industrial interest because of 
their very diverse properties (optical, electrical, magnetic, etc.), combined with 
their overall characteristics of hardness, thermal stability and chemical resistance. 
Silica Si02 is now one of the most widely used materials in the world because of its 
optical properties, characteristics as an electrical and thermal insulator, hardness 
and chemical stability. Ferriiriagnetic iron oxides (spinel ferrite 7-Fc203, hexaferrite 
BaFei20|9) are the materials of choice for data storage and transmission. Some 
oxides with variable electron mobility are used as semiconductors (V2O5) or 
superconductors (YBa2Cu307). Materials with high ion mobility have a promising 
future as solid electrolytes and cathodes for batteries. Ferroelectric or dielectric 
oxides of perovskite structure (BaTiOj, PbZrTiOj) are extensively used in electronic 
devices. 

‘Nanomaterials’ also generate interest because of the specific properties linked 
to the nanometer size of the particles. Some unusual optical and electrical properties 
are due to a phenomenon known as quantum confinement. The large surface/volume 
ratio also leads to the use of some of these materials in catalysis. The excellent 
sintering characteristics of fine powders are useful in the fabrication of ceramics 
and composites. The dispersion of small particles in various solvents allows the 
fabrication of thin films and antireflection coatings, or improvements in the optical 
performance of mirrors. 

Various techniques are used in the processing of oxide micro- or nanoparticles. 
They include dividing a bulk solid through mechanical abrasion (crushing), 
electrical or thermal erosion (laser ablation) or condensing ions or molecules. Gas 
phase compounds are deposited and condensed on to various substrates by CVD 
(Chemical Vapor Deposition). Precipitation and co-precipitation of ions from 
solutions have been used for many years in most industrial production of fine 
powders for ceramics or catalyst supports. The Bayer process for the synthesis of 
alumina is based on the precipitation of gibbsite Al(OH)3 from aluminate solutions. 
Titanium oxide pigments (Ti02) are synthesized through controlled hydrolysis of 
TiCl,4 solutions. Zirconia Zr02 is prepared from oxychloride ZrOCl2 solutions. 
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Preapitation from solutions is also used in hydrothermal synthesis. It is also 
involved in geochemical phenomena and even some biological processes such as 
calcification and kidney stone formation. , _ 

Solution chemistry offers many possible routes for ‘chemical manipulations and 
allow's various combinations in the synthesis of solids of diverse structures, 
compositions and morphologies. It is also referred to as ‘soft chemistry , since it 
frequently takes place at room temperature or around 200-300 °C under standard 
hydrothermal conditions, conditions which al.so allow the synthesis of metastable 
phases. The control of the texture of the solid (porosity and surface area) is also 
much easier than in classical high-temperature processing techniques. . 

Controlling the method requires a good understanding of the formation process 
of colloidal particles, i.e. how the ions go from the solution to the solid. This is a 
complex phenomenon from chemical and structural standpoints because it involves 
a set of chemical reactions, and the experimental conditions (concentration, acidity, 
temperature, nature of the anions, etc.) also have a strong influence on the structural, 
morphological and dimensional characteristics of the solid phase. Precipitation is 
the result of a process of inorganic polycondensation involving the hydrolysis of 
metal ions in solution and the condensation of hydroxylated complexes. 

OH 

M-OH + M-OH M-OH-M, M-OH-M 

The various stages involved make this indeed a complicated process. There is a 
wide diversity in the behavior of various elements, as shown in the following 
examples: 

• Pentavalent vanadium forms polyanions of various degrees of condensation in 

solution, in which the coordination of vanadium varies from 4 to 6. Under certain 
conditions of acidity, the oxide precipitates and forms entangled ribbons. 
Phosphorus (V), however, stays in .solution as a monomer in the form of phosphate 
anions. 

• Aluminum forms the hydroxide Al(OH)3, whereas in the case of iron the Fe(OH)3 
phase is unstable. It dehydrates spontaneously and crystallizes as Q-Fe203 hematite 
or Q-FeOOH goethite. The isostructural ci-AIOOH (diaspore) forms only under 
hydrothermal conditions. 

• Chromium(VI) and tungsten(VI) exhibit different behavior. The chromate ion 
[Cr04]’-“ forms the dimer [Cr^^Ov]^" in solution at any acidification level and does 
not precipitate a solid phase. The tungstate ion [W04]^“, however, ^ forms upon 
acidification a series of polyanions of variable degrees of condensation in which 
tungsten is hexacoordinated. It may also, unlike chromium(VI) and fnolyb- 
denum(VI), form the oxide WO3 by precipitation. 

Hydrolysis, condensation and complexation reactions of cations in aqueous solution 
are the phenomena involved in the formation of the solid by precipitation. These are 
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the focus of Part I in this book. Analysis of the behavior of the elements allows the 
identification of the stmctural relationships between species in solution and the 
solid, aad it allows for an interpretation of the transformations taking place during 
ageing of suspensions. 

Part II is concerned with a ver>' important aspect of the physicochemistry of 
oxide particles: the oxide-solution interface and its reactivity. The high surface/ 
volume. ratio of submicron particles gives the solid a specific surface area that can 
reach several hundred square meters per gram. The behavior of particles in the 
dispersion is therefore controlled to a large extent by the characteristics of their 
surface: 

• The formation of sols, gels or aggregates depends on the repulsive or attractive 
forces between the surfaces. 

• The growth of particles is controlled by the forces exerted on their surfaces. 

• Adsorption or grafting depends on the interactions between the surface and the 
ions or molecules in the solution. 

Since these various forces are directly related to the physicochemical conditions of 
the medium, it is possible to control these phenomena by adjusting the concentration 
of the solution. Some of the unique properties of the solid are also due to the small 
size of the particles, and hence to the large oxide-solution interface. For example, 
some reactions on the surface, such as ion or electron transfer across the interface, 
may trigger a response in the core of the particles. 
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Water and Cations in Aqueous 

Solution 



Water is the most widely used dispersion liquid in inorganic chemistry because of 
its exceptional ability to dissolve mineral salts. It is safe, chemically stable and 
remains liquid over a wide temperature range. It is the solvent of choice for metallic 
cations because it is the most convenient reaction medium, in the laboratory as well 
as on an Industrial scale. The ability of water to dissolve ionic and ionocovalent 
solids stems from two main characteristics: the high polarity of the water molecule 
{pL = 1.84 debye) and the high dielectric constant of the liquid (e = 78.5 at 25 °C). 

The polarity of the water molecule is responsible for its good solvation power, 
i.c. its ability to attach itself on to ions as a result of electrical dipolar interactions. 
Water is also an ionizing liquid, i.e. able to polarize a covalent bond because of its 
Lewis base (electron donor) character. For example, the solvolysis phenomenon 
allows the ionization of the HCl molecule. 

The high dielectric constant makes water a dissociating medium because the 
decrease in electrostatic forces between solvated cations and anions allows their easy 
dispersion in water (the attractive force F between two charges q and q' separated 
by a distance r is given by Coulomb’s law F = qq'/er^). Both characteristics are 
seldom found simultaneously in usual liquids. For example, the dipole moment of 
the ethanol molecule {p. = 1 .69 debye) is of the order of magnitude of that of water, 
but the dielectric constant.is smaller (e = 24.3). Therefore, this alcohol is solvating 
but poorly dissociating, as it stabilizes solvated ions in pairs, and therefore it is a 
poor solvent for ionic compounds. 

The effect of water on an ionic solid such as an alkali halogen MX is limited 
to the simple dispersion of solvated ions as (4<;i<8) and X • mH20 

(m = 6) at any pH. Cations of higher charges, transition metals most notably, 
strongly retain a number of water molecules around them and form true aquo 
complexes [M(OH 2 )/v]^’^ with well-defined geometry. Water molecules are true 
ligands because a a donor effect towards the empty orbitals of the cation adds to 
water-cation dipolar interactions. In such complexes, solvation water molecules 
may be more or less stable, depending upon the size and charge of the cation, and 
the acidity of the medium. Some water molecules lose protons spontaneously and 




4 MeUif Oxide Chemistry and Synthesis 

are transforined into hydroxo (OH ) or oxo (O^' ) ligands. The acid-base character 
of cations in solution is due to proton exchange between the solvated complex and 
water. The degree of protonation of the oxygenated ligands, governed by hydrolysis 
equilibria, directly innuences the reactivity of metal cations as far as condensation 
phenomena are concerned. 1 here fore, it is important to know, under specific condi- 
tions (pH, concentration, temperature, etc.) the nature of the coordination sphere of 
the cation in the various complexes in solution. 

1.1 PROPERTIES OF WATER AS A SOLVENT 

1.1.1 ELECTRONIC STRUCTURE OF THE WATER MOLECULE 

T he symmetry of the water molecule is C 2 v molecular orbitals (MOs) ate foimed 
by linear combination of the atomic orbitals (AOs) of the oxygen atoms (2s, 2p) and 
of the hydrogen atom (Is) according to the LCAO method. They exhibit one of the 
symmetries that correspond to the four irreducible representations of the C 2 v group 
(A|, A 2 , B,, B 2 )- Theoretical calculations give the following expressions for the 
four MOs of lowest energy [ 1 ]: 

2a, 0.85(2s) +0.13(2p_) + 0.81 (Is, + Isb), E =- -36 eV 

lb 2 0.54(2pJ + 0.78(ls, - Is,.), £ = -19eV 

3a, 0.46(2s) - 0.83(2p,) - 0.33(ls, + Isb), £ = -14eV 

lb, (2pJ, - -12eV 

Each of the occupied MOs contains two electrons, whereas the antibonding MOs of . 
higher energy (4a,, 2b2) are empty (Figure 1,1a). The photoelectronic spectrum of 
water, obtained via UV excitation with the He(I) line of helium (2l.2eV), shows the 
bonding nature of the lb 2 and 3a, MOs (presence of fine vibrational structure), 
whereas the b, MO is strictly noivbonding owing to symmetry limitations [1]. 

The main properties of the water molecule may be predicted from its electronic 
structure. 

• The high polarity, which explains the solvation of ions, is due to the electro- 
negativity difference between oxygen and hydrogen. The propensity of oxygen to 
attract the electronic charge is much greater than that of hydrogen. The high 
coefficients of the oxygen AOs in the expression for the occupied MOs point to the 
fact that the electron density is shifted towards oxygen [2] (Figure l.lb). The 
electronic charge carried by each of the atoms (partial charge) may be calculated 
from the above-mentioned expression for the MOs. The ‘partial’ charge of an atom 
in a combination is defined (sec Appendix to Part I) by the total atomic population, 
which includes its formal charge (degree of oxidation) and half the overlap charge 
due to bonds with other atoms, the overlap charge being considered localized on to 
the atoms [ I ]. 
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O H 2 O 2H 

Figure 1.1 (a) Molecular orbital diagram of the water molecule and (b) electronic 

probability of presence. Reproduced by permission Academic Press from [2] 

The calculation of the partial charge is a complex task because it requires 
knowledge of the overlap integrals for each occupied MO. It leads to extremely 
variable results depending on the method of calculation. For the sake of simplicity, 
we have chosen to use the model presented in the Appendix, which is based on the 
principle of electronegativity equalization within a compound. Although the model 
is relative and approximate, it does provide a simple estimation.of the charges on 
atoms in a combination. 

According to (A. 10), the average electronegativity x of the water molecule is 

y = + yTo = 2 49 

and from (A. 8) 

5(H) = = +0.2, 5(0) =- ^^"^ =-0.4 

1-36/xh L36yxo 

It is useful to point out that the relationship between the ionic character of bonds and 
the dipole moment of a molecule is not trivial. The ionic moments of the bonds are 
only one of the contributions to the molecular dipole moment. The size difference 
between atoms, as well as the dipole moments of free pairs, must also be taken into 
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consideration [3]. Assessment of the effective charges on atoms based solely on the 
molecular dipole moments is therefore subject to controversy. 

• The Lewis base character is due to the electrons in the 3ai MO. This MO is 
essentially built on the hybridization of the 2s and 2p^ AOs of oxygen. It is strongly 
delocalized towards the outside of the molecule, as indicated by the high coefficients 
of the corresponding AOs and their negative contributions in the combination. The 
water molecule behaves like a donor ligand of a cr pair, which explains its ionizing 
properties and its aptitude to coordinate Lewis acids (complexing properties). 
However the non-bonding b, MO entirely localized on oxygen (Figure 1.1b), 
exhibits a very weak rr donor character and does not allow the creation of a bond. 

1.1.2 STRUCTURE OF LIQUID WATER 

Compared with similar compounds (H^S, H^Se, H2Te), liquid water has very 
peculiar properties: its boiling and melting points are unusually high, the volume 
change at the melting point is negative and the density maximum is found at around 
4°C- the diffusion of protons and hydroxyls in water is particularly fast compared 
with other ions. Such peculiarities are the result of associations between water 
molecules through hydrogen bonds. Such interaction occurs when the hydrogen 
atom, bound to a highly electronegative atom (F,0,N), is associated to another 
electronegative atom: 

H,5- 5^ 

FI H 

Within this bond, the hydrogen atom may occupy two positions of identical minimal 
energy, each of which is very close to the oxygen atom. A small potential barrier 
separates both positions, but the hydrogen atom may cross it by tunneling. The 
energy of the hydrogen bond is about 20-40 kJ mol . 

Under usual conditions, water crystallizes as hexagonal ice. In this structure, the 
hydrogen bonds, which arc strongly directional, allow each oxygen atom to surround 
itself with hydrogen atoms in an almost symmetrical tetrahedron (Figure 1.2a). 

As ice melts, the breakdown of a number of hydrogen bonds decreases the 
geometrical constraints between water molecules. They become mobile and able 
to get closer to each other. This is why the density increases and goes through 
a maximum at around 4°C, above which thermal agitation dominates and causes 
dilatation of the liquid. Molecular dynamics calculations [5,6] show that, at 
ambient conditions, the number of isolated molecules in the liquid is very small 
(Figure 1.2b). The molecules form, on average, 2-3 hydrogen bonds and primarily 
form polygonal as.semblies of tetrahedral geometry. Such limited-size associations 
have a very short lifetime of 10 “'" s but they form constantly. The structure of 
the liquid is therefore not topologically related to that of hexagonal water. The 
liquid may be considered as a disordered three-dimensional network ol hydrogen 
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Figure 1.2 (a) Structure of hexagonal ice (bond length 2.76 A, 0-H 1 A, 

O • • - H 1 .75 A, angles H-O-H 109.5^ [4]), (b) fraciion of the molecules involved in various 
numbers of H bonds in liquid water at 10 [5]) and (c) hydrogen bond network in liquid 
water (molecules are shown as points). Reprinted with permission from [5]. Copyright 1973 
American Chemical Society 

bonds, which form statistical connections allowing fast proton and hydroxyl 
transfers [6,7]. 

The ionizing and dissociating power of liquid water leads to appreciable self- 
dissociation of the molecules: 

2HO = IH3O+KOHI = lO-'^ at 25 °C 

Hence, water molecules are amphoteric in nature. The liquid is a protic solvent for 
which the acid-base concept is linked to the proton exchange between water and 
any proton acceptors (bases) or donors (acids). 

The structure of the oxonium ion H3O''' has been investigated by NMR on 
monohydrated crystals of strong acids (HC104-H20, HNO3 H2, H2S04-H20) 
[8,9]. The results indicate a planar or slightly pyramidal geometry involving 
H-O-H bond angles of 120 or ll8° respectively, with H-H distances of 1.72A. 

Solvation of the oxonium ion by water molecules occurs through hydrogen 
bonds and creates [H30 nH20]+ entities. The degree of solvation, i.e'. the number 
of water molecules forming the ‘coordination iiphere’, varies depending on whether 
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the ion is in aqueous solution or involved in a solid network. The di-aquo hydrogen 
ion [H20-H-0H2r^^ {n — 1) was identified using neutron and X-ray diffraction in 
crystals of HBr-2H20 and in some complexes such as /ra/i5[Co(en)2Cl2]Cl * 2H2O, 
HCI flO]. The 0-0 distances in the di-aquo ion are about 2.40 A, the hydrogen 
atoms being approximately in a ceritral position with respect to oxygen atoms. ! 

In solution, the structural information obtained using diffraction techniques (X- 
ray, neutrons) points to the presence of four water molecules in the immediate 
surroundings of the ion (n = 4) [11,12]. Neutron diffraction indicates a 

tetrahedral configuration of the oxonium ion solvated in aqueous molar solutions of 
HCI or HBr [13], whereas the analysis of the radial distribution functions obtained 
via X-ray diffraction on concentrated HCI solutions reveals a pyramidal geometry 
[14], Three solvation molecules form short hydrogen bonds (0-0 distance 2.44 A). 
The fourth molecule of water, much further away (0-0 distance 2.90 A, similar 
to that observed in pure water), is located at the corner of a trigonal pyramid 
(Figure 1.3a). The techniques give different results because neutron diffraction 
gives an average 0-0 distance [14]. The energy of short bonds, calculated by 
tlie LCAO method, is about 190kJmor' [15], while that of the long bond is 
almost zero. Therefore, one of the water molecules interacts very weakly, and it is 
possible to consider the solvated proton as a ‘molecular’ entity [H904]^, itself 
solvated by other water moleciiles'through weaker hydrogen bonds, of the order of 
20-40 kJ mol“'. 

The hydroxyl ion, HO“, present in the structure of many complexes in the 
monosolvated state [ HO-H-OH]^ (0-0 distance 2.29 A), exists in solution as a 
‘molecular’ entity [H704]'C itself solvated by other water molecules [10] (Figure 
1.3b). This ion is the strongest Bronsted base in water. This is why self-dissociation 
of molecules is weak and why the 0^“ ion is never present in aqueous solution. 
It follows that oxides never dissolve in water without an acid-base protonation 
reaction of ions. 
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(a) (b) 

Figure T3 Probable structure of hydrated ions: (a) [HgO^]'*'; (b) [H704]^. From [14] 
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Figure 1.4 Hydration schemes (a) of hydrophilic cations and anions in aqueous solution 
and (b) of hydrophobic cations 



1.1.3 HYDRATION OF IONS AND THE STRUCTURE OF SOLUTIONS 

The dissolution of ionic or polar solutes is explained .by the polarity and the high 
dielectric constant of water. The solvation of ions allows their separation in solution. 
The structure of solvated ions is investigated using spectroscopy techniques 
(EXAFS, XANES, NMR, infrared, Raman), or diffraction and diffusion techniques 
(X-ray, neutrons) [11,12]. Such techniques have shown that solvated cations and 
anions are linked to water molecules through the oxygen and hydrogen atoms 
respectively (Figure 1.4a). 

The number of vvater molecules involved in the solvation of a cation increases 
with its polarizing strength, i.e. as the cation charge e increases and its radius r 
decreases. The polarizing strength of an ion is defined as the z/r^ ratio. Tlie 
attraction and organization of water molecules around ions subjected to dipolai* 
interactions occur over several layers, and it is convenient to distinguish the first 
hydration ‘sphere’, which contains the water molecules in contact with the cation, 
from the outer and more distant layers. 

(a) First Hydration Sphere 

Monovalent cations such as alkaline ions are sun'ounded by a first hydration sphere, 
the geometry and composition of which are poorly defined. The Li'^ ion, the 
smallest and most polarizing in the series, is suiTOunded by a tetrahedron of water 
molecules. The larger and less polarizing ions (Na^, K^, Cs^) have a first solvation 
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Hydration enthalpies (kJ mol 25 and ionic radii (A) of a 


few ions [16] 


Ion 


-/Mr 


Radius 


Ion 




Radius 




1 100 








1 


Li'- 


522 


0.78 


Cr"-'- 


1930 


0.80 


Cs-*' 


285 


1.65 


Fe"'* 


1956 


0-83 1 


Mg"' 


1940 


0.78 


Ni"'^ 


2120 


0.78 


Ba"' 


1320 


1.43 




4620 


0.65 


Al'"* 


4700 


0.57 




4450 


0.67 ■ 1 



Table 1.2 Exchange rale con.slanl for the water molecule in the first hydration 
sphere of metal cations [16] 



Ion 


k (s“') 


Ion 


k (s-') 


Ca’-'-, Sr^-^, 


w5 X 10®-5 X lO'' 






Li■^ Na''-, K\ Cs'*' 


X 10®-5 X 10'' 






Mg'-" 


10 = 


Be"-'- 


10^ 


Cr^' 


3 X 10® 


Al^+ 


=sl 


Fe’-'*' 


3 X 10® 


Fe^-'- 


10^ 




4 X lO'’ 




3 X 10'® 



sphere of 6-8 water molecules. The symmetry of the solvation sphere of these 
cations cannot be clcftned precisely because the electrostatic interactions with the 
water molecules are relatively weak (Table 1.1) and the solvation molecules are 
exchanged rapidly with those from the medium [12] (Table 1.2). In addition, the 
number of water molecules that form the first hydration sphere of these cations varies 
with the concentration, the temperature and the nature of anions present in solution. 

Small-size, high-charge cations develop stronger electrostatic interactions with 
water and have strong hydration energy (Table 1.1). Therefore, the geometry of 
such hydrated cations is well defined. Structural investigations [11,12] point to a 
tetrahedral symmetry for the tetra-aquo [Be(OH2)4l^^ ion> ttn octahedral symmetry 
for the [MfOHzlo]^^ (M = Mg, Ca,Zn, Cd, Hg,Pb, etc.) and [Al(OH2)6]^’^ hexa- 
aquo ions and a square-base antiprism geometry for [Sr(OH2)g]^^. for example. The 
coordination of cations is directly related to their size. 

All divalent and trivalent ions from the first transition series are hexacoordinated. 
The octahedral coordination of these ions is in agreement with crystal field theory. 
The interactions between the water molecules and these cations are clearly the 
result of the cr-donor ligand role of the water molecules, through the overlap of the 
3a, MO with the d orbitals of the cation. Hence, the bond exhibits a strong covalent 
character and the hydrated cations are really coordination complexes. Some distor- 
tions of the hydration sphere are observed with Cr^+ and Cu^+ owing to the Jahn- 
Teller effect. The labile character of the water molecule, when coordinated to 
transition elements, is very variable (Table 1.2). Some hexa-aquo complexes, which 
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are strongly stabilized by the crystal field, are inert towards substitution reactions. 
This is the case for [NifORzle]^"^ and [Cr(OH2)6]^'^ of electronic configurations 
(2„e^ and t^gS^^ respectively, for which formation of the transition state during the 
substitution causes the most energetically costly change in electronic configuration 
(see Chapter 2). 

It is difficult to predict the degree of solvation for ions with a charge higher than 
three, because they are subject to hydrolysis reactions and, except in a highly acidic 
medium, the hexa-aquo forms are mostly unstable. 

(b) Outer Solvation Spheres ^ 

The second solvation sphere is more difficult to characterize because of the rapid 
exchange with the water molecules from within the solution. Studies undertaken 
according to the aforementioned techniques and via simulations imply that, for the 
majority of cations, the immediate environment of the solvated ions consists of 12 
water molecules. The average 0-0 distance between the oxygen atoms of the first 
and second hydration spheres, which is about 2.7 A, is shorter than the average 
intermolecular distance between water molecules in pure water (about 2.9 A) 
[1 1,12]. The number of layers of water molecules attracted and oriented by a cation 
■ increases with its polarizing strength. 

(c) Structure of Solutions 

The presence of a cation in solution induces local ordering of the water molecules 
owing to dipolar interactions propagating beyond the second solvation sphere. Four 
or five layers of water molecules are influenced by the diffusion of ions in solution. 
One may define the hydration of an ion by the number of water molecules it carries 
with it in its movements through the solution, whereas its coordination corresponds 
to the number of water molecules in direct contact with it in the first hydration 
sphere. The orientation and order of the hydration layer modify appreciably the 
structure of the solvent [17]. An LiCl solution is more viscous (1.146cP at 20“^ 
0.1 mol r‘) than water at the same temperature (IcP), whereas a CsCl solution 
(0.947 cP at 20 °C, 0.1 moir') is less viscous than water. Small ions with a high 
charge density are able locally to alter the primitive structure of water through the 
rupture of hydrogen bonds and the reorganization of numerous solvent layers, 
forming a completely different structure from the pure liquid. Such behavior is 
typical of ions such as Li''', Na''’, Mg^''", F“ and HO“. These are called ‘type I 
Structuring ions’. 

Ions of intermediate size and charge develop interactions with water that are 
strong enough to break the hydrogen bonds locally, but they cannot keep many 
solvent molecules around them. The loss of the primitive structure of water is not 
counterbalanced by the restructuring of the water molecules around the ion. This is 
the case for K*'", Cs*'', NH|, NOj and ClOj , which are called ‘destructuring’ or 
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^^waler—)propylene carbonate rnol ) 




Figure 1.5 TransTcr enllialpy Tor ions of various sizes from water towards propylene 
carbonate. Reprinted with permission from [19]. Copyright 1969 American Chemical Society 

‘breaking’ ions. Solvation of these ions is mueh weaker than for structuring ions, 
which explains the decrease in viscosity of a Cs"'’ solution compared with a solution 
of Li ^ ions. 

Weakly polarizing ions such as quaternary ammonium cations [NR 4 ]'^ (R = CH 3 , 
C 2 H 3 , etc.) are not able to break the network of hydrogen bonds but, rather, are 
incorporated within the liquid, thereby altering its local architecture drastically. 
Around lliese ions, the liquid forms polyhedral cages similar to those found in 
clathrates [7,18] (Figure L4b). This type of interaction is sometimes called 
‘hydrophobic interaction’, in contrast to the hydrophilic structuring ions of type I. 
The.se are called ‘type II structuring ions’. 

Tliese three types of behavior are clearly separated on the transfer enthalpy from 
water to propylene carbonate for monovalent ions of vaiious sizes [19] (Figure 1.5). 
The breaking ions, which develop weaker interactions with water, have the smallest 
transfer energy. 

1.2 ACID-BASE PROPERTIES OF IONS IN AQUEOUS 

SOLUTION 

The overlap of valence orbitals between the solvated ion and the water molecules 
allows an electron transfer from the 3ai MO of water to the AOs of the cation, 
which are either empty or partially filled. The transfer is more significant (the M-0 
bond is stronger) if the cation is strongly polarizing, i.e. if its charge is high and its 
ionic radius is small. 

OH 2 transfer decreases the electronic density in the bonding 3a i MO 
and weakens the 0-H bond. The ionic character of.the O-H bond increases and the 
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Table 1.3 Distribution of the partial charges 6 in lM(OH 2 ) 6 l""^' complexes, as 
calculated using the partial charges model in the Appendix 



Complex 


X 


6(M) 


5(0) 


5(H) 


5(H20) 


[Mn(OH2)6]^''' 


2.657 


^-0.59 


-0.33 


+ 0.28 


+ 0.23 


[Cr(OH2)6]^'- 


2.762 


^-0.68 


-0.29 


+ 0.34 


+ 0.39 




2.848 


+ 0.98 


-0.25 


+ 0.38 


+ 0.51 


[VfOHslo]'-'- 


2.983 


+ 0.84 


-0.20 


+ 0.45 


+ 0.70 



positive charge on hydrogen increases. Concurrently, the positive charge on the 
cation decreases (Table 1.3). 

Coordinated water molecules are stronger acids than water molecules in the 
solvent itselT They tend to de-protonate according to 

[M- 0 H,J^+ ^ + H+ » + 2H+q U-l) 

The acidity of the aquo-ion is directly dependent on the magnitude of the a transfer, 
and the cation may be coordinated to three types of ligands: aquo (H 2 O), hydroxo 
(HO“) and 0 x 0 (O^'). 

The elements of small formal charge (z= 1,2) do not polarize oxygen very 
strongly. They form aquo, cations in a large domain of acidity. The oxides of such 
elements are ionic and exhibit basic behavior in water: 

Li20 + 9 H 2 O > 2[Li(OH2)4]^ + 

On the other extreme of the classification, elements of high charge {z = 5,6,7) 
polarize oxygen very strongly and form anionic 0 x 0 complexes. The oxides are 
covalent and acidic in water: 



z = 5 


N2O5 + H2O — 


--2NO3 +2H; 


z = 6 


SO3 + H2O — 


--S0X+2H; 


z = 7 


CI2O7 + H2O. — 


2CIO4- + 2H„';, 



Some metals have several degrees of oxidation. Their oxides may therefore exhibit 
two types of behavior: 

Cr^"03 + I 5 H 3 O ^ 2[Cr(OH,),l'-^ + 60H', 

Cr '''03 + H^O [Cr 04 ]'- + 2H; 

Equilibria (1.1) are the hydrolysis equilibria of the cation [20]. They depend on 
its intrinsic characteristics (formal charge, size, nature of the element) and may 
be displaced by changing the medium acidity. Therefore, it is possible, to a 
certain extent, to modify the nature of the coordination sphere of the cation. 
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z 

+7 
+6 
+5 

+3 
+2 
4-1 

0 ■ 14 pH 

r' 1 ( N-mire of the ligands in the coordination sphere of a cation as a function of its 
fonnal chLge ^ and the pH of the medium. Reproduced by permission of Academic Press 

from [2] 

The pos,sible modirtcations are shown on an experimental diagram indicating 
wWch ligand is present as a function of the charge of the cat.on and the pH [21,22] 

^^huL'aquo domain, all coordinated water molecules keep their proton, wher^eas 
in i 0X0 domain, oxygen cannot be protonated. In the hydroxo domain, at least 
one hydroxo ligand is present within the coordination sphere. _ 

Hence the Mn(IV) ion may exist as the oxo form [Mn 04 ] at any pH. ^ns fo 
„ exhibi, any basic ch.arac, because bl .he small charge densU, on ,h 
^r,gen a,o.us. s.hich are s.rongly polarieecl b, the car.on (see Ch.p.er 4, Secr.on 
43? In olher words. MnOjOH is a s.rong ae.d in water. The ] 

forms of Ihe calion do no. exist in water, within usual ac.dity domams (20). On the 
1, her hand the Mn(ll) ion exhibits a poorly defined ac.d.c character tn wa.ec^A. 
?i 5<6 blornis the hexa-ac,uo complex |Mn(OH,)d". The additton of a base 
^to?s ti l OMUation of aqno-byd.oxo eomplexes. bn. the Mn(Il) c.uon ,s unable 
‘to polarixe oxygen enough .0 break the OH bond of the hydroxo ligand and form 

°?he Cr'fVH ion is present in water a, pH >7 as the oxo f<>"" IC-Oaf ■ A' 
pH < 7 protonation is possible because the polarization of oxygen by the C ( ) 

L is weaker than by the Mn(VII) ion. (CrOjfOH))- exists m solution around pH 4. 
In a mote acidic medium, the CrOafOH); form predominates in very d.Iute solut.o . 
However it is impossible to obtain ea.ionie forms of “ “ 

additional proloi.a.ion of .be oxygen bound .0 

which forms the [CrfOHzls]’'" aquo complex at pH < 2 Around pH , ^ 
hvdroxo form CiCOHItCOHzIs leads to the hydroxide which redissolves m 
alkaline medium into [Cr(OH) 4 (OH 2 ) 2 ]-, but the oxo ligand does not appear in 
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Tabic 1.4. 

Si’''(0H)4 p''0(0H)3 S''‘0z( 0H)2 Cl'^ " 0.3(0 H) 



Tabic 1.5 



Ti'‘+ 0.68 

SH+ 0.41 

C“^- 0.15 



Most acidic form 

aquo-hydroxo [TifOHXOHilsl’ 
aquo— hydroxo [Si(OH)3(OH2)l 
oxo-hydroxo [CO(OH) 2 l° 



Table 1.6 



HCIO 2 



Z(C1) -hi ex, 

6(01)'' -0.05 0.04 

SfR)" 0.33 0.42 

pK 73 2 

^ Charges caiculaied for the protonated form usi 



+ 7 
0.12 
0.51 
(-9) 



ig the partial charges model. 



the coordination sphere of Cr(III) owing to the excessively weak polarization of 
°ThTil?as.?r|mlatixation of oxygen b, .be ea.ion °f 

clearly illustrated by the series of tetrahedral compounds in Table 1.4. As the charge 
of I cat! increLes, the number of 0 x 0 ligands bound to the central elemen 
increases at the expense of the hydroxo ligands, which see their acidic character 
increase [23]. The 0 x 0 ligands, which cannot be protonated, do not have a basic 
character because they are in fact bound to the cation through a and ^ 

^"^Thldete^st^^^ Ihe cation decreases its coordination number A7 and 

increases its polarizing strength. This effect is clearly seen on the more acidic form 

"loI^sirellcIJ'g^elcm intervene together, since the size of the ion depends 
on its charge. The simultaneous effect of both factors is clearly seen m the chlorine 

oxides (Table 1.6) [18]. 

1.3 MODEL OF THE ACID-BASE BEHAVIOR OF CATIONS 

The behavior of cations toward hydrolysis is very well known. It is described by 
me Duid lo nnu 120 23-261 They allow the calculation of 

thermodynamic equilibrium constants ]2U,/3 zoj. iney 
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the distribution of species as a function of the pH and tlie solution concentration. 
They can be combined with the complexing constants of the cation for any ligand 
[24|. However, the situation is very complex whenever condensation reactions occur 
because the relevant thermodynamic data are almost non-existent in the literature. 
The partial charges model, presented in the Appendix, is a simple quantitative 
approach to the problem. Let us summarize below the main conclusions of the 
model to acid-base equilibria. 

The problem is the definition of the nature of the coordination sphere of a cation 
of charge z and coordination N as a function of the pH of the medium. This is 
equivalent to calculating the hydrolysis ratio h of this element in the equilibrium: 

(M(0H2)^)'-' [M(OH)„(OH,)^^„l'^'''’ ' + 

Intuitively, it is logical to assume that an increase in the charge on the hydrogen of 
the water molecules coordinated to the cation (first solvation sphere) weakens the 
O-H bond. In a manner similar to the equalization of electronegativities of atoms 
in a chemical bond through electron transfer, it is generally accepted that a 
chemical reaction allows equalization of the average electronegativities ot the 
reactants through a change in composition (see the Appendix). Therefore, the 
deprotonation reaction of the aquo eomplex occurs in order to equalize the 
electronegativities of the hydroxylated complex and water. A criterion may be set m 
order to find the composition of species in equilibrium as a function of the pH 
(A. 14). The jirinciple is described in the Appendix (A3.2). The conclusions are 
summarized in the following equations, which allow the determination of the 
limiting forms of the cations in solution. ■ 

At pH =0, the hydrolysis ratio h of the complex [M(OH 2 )a/]" is given by 

(2.621 — Xm) f a 17) 

/i = 1 .36z - 0.24/V - ^ ^ ‘ 

V Xm 



whereas at pH 14 we obtain 

, 0.836(2.341 - Xm) 

/; = 1 . 1 4z + 0.25/V' ^ 



The results from equations (A. 1 7) and (A. 18) (Table 1.7) are iii good agreement 
with the experiments [20). 

One may note that in equations (A. 17) and (A. 18) the acidic nature of a cation 
is governed by three parameters: the charge z, the size (via the coordination 
number A) and the electronegativity. The most important factor is the formal 
charge of the cation. The limits of the existence domain onhe aquo-hydroxo 
)M(OH 2 )/v-i(OH)|*‘'^'’’*' and oxo-hydroxo )MO^_i(OH)]'^^ ' ’ forms as a func- 

tion of z and the pH are easily calculated using /i = 1 or /r = 2N - 1 in the general 
expression (A. 16). The experimental pH-charge diagram is easily confirmed. 
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Tabic 1.7 Results of equations (A. 17) and (A. 18), showing the most acidic and basic forms 
of some elements in aqueous solution 



M. 


2 


N 


x‘ 


h 


Acid forms 


N' 


h 


Basic forms 


Mn 


7 


4 


1.63 


7.8 


MnOjlOH) 


4 


8.5 


Mn02 


Cr 


6 


4 


i.59 


6.4 


Cr02(0H)2 


4 


7.3 


CrOT 


P 


5 


4 


2.11 


5.5 


PO(OH), 


4 


8 


PO^ 


V 


5 


6 


. L56 


4.5 


VOj(OHj)^- 


4 


6.2 


VOjlOH)^- 


Ti 


4 


6 


1.32 


2.9 


Ti(OH)2(OH2)5'- 


4 


4.8 


TiO(OH)3- 


Zr 


4 


8 


1.29 


2.4 


Zr(OH)2(OHj)T 


6 


5 


Zr(OH)5(OH2)- 


Si 


4 


4 


1.74 


3.8 


Si(OH)3(OHj) + 


4 


5.1 


SiOjfOH)^- 


Fe 


3 


6 


1.72 


1.9 


Fe(OH)(OH2)^^ 


4 


4 


Fe(OH)4- 


B 


3 


3 


2.02 


2.9 


B(OH)2(OHj) + 


4 


4.2 


B(OH)j 


Mn 


2 


6 


1.63 


0.5 


Mn(OHj)T 


4 


2.8 


MnlOHljfOHp- 


Ag 


1 


2 


1.68 


0.1 


Ag(OHj) + 


2 


1.2 


Ag(OH)3- 


Li 


1 


4 


0.97 


- 1.2 


Li(OH2) + 


4 


0.9 


Li(OH)(OH2)3 



The aUioii is considered here in ils standard state (activity — 1). The h values relatives to other conditions (such as 
concentration) could be obtained using an empirical constant in the hardness calculation [equation (A. 6)]. 



Generally, cations of formal charge z lower or equal to 4 form aquo-hydroxo 

complexes [M(OH)/,(OH 2 )a/_/,]^"~''^‘^ in an acid or neutral medium (/i < z). In an 
alkaline medium, they may exist in hydroxo forms [M(OH) J^'“‘’“. Elements of high 
formal charge (higher than 4), form oxo-hydroxo anions [MO;,_a/(OH) 2 />/-/,]^^'“'^“- 
It must be clearly stressed that, owing to the approximations of the model, no 
information regarding the . respective amounts of species in solution may be 
obtained (see the Appendix). In a molecular entity, atoms of similar chemical nature 
arc treated similarly. Consequently, the results are mere estimations that must 
be used with caution, particularly if structural peculiarities are present. This is the 
case of the shortening of bonds owing to tt overlap, a frequent phenomenonjn the 
ca.se of small cations of high formal charge (z5^4). Vanadium (/• = 0.54 A) is a 
typical example. The [V(OH 2 ) 6 ]^ '' species does not exist in aqueous solution, even 
in an extremely acidic medium. Its spontaneous hydrolysis ratio is 4 and the main 
.species in an acidic medium is the c/5-dioxo vanadic ion [V02(OH2)4]''' [20,23,27]. 
Formation of the dioxo-aquo configuration is favored compared with the [VO(OH )2 
( 0 H 2 ) 3 ]’^ or [V( 0 H) 4 ( 0 H 2 ) 2 ]’^ configurations, because the cation, which is strongly 
polarizing, forms V-0 bonds of strong tt character, thereby allowing a decrease in 
its partial charge and the ionicity of bonds in the complex. This results in a strong 
distortion of the environment of the cation. This effect is not as strong in the case of 
vanadium(IV), of smaller oxidation state and larger size {r = 0.59 A). V(IV) forms 
[V0(0H2)5]^'^ which contains only one short V-0 bond (1.6 A) [28,29]. The tt 
character of the short bonds sharply lowers the basicity of the oxo ligand and is 
responsible for the stability of the monomeric forms of the vanadic and vanadyl 
cations in solution. It must be stressed that the water molecules in trans of the 
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, ^ rc"' 7S'’Ci for water molecules in various 

Table 1.8 Exchange rate constants k {s , ) 

hvdroxylated species of iron(IIl) [32,33] ^ — 

r rP.rnH.V.l^^ [Fe(OH). (OHj^ 

k 1.7x10^ 4.5x10= 

/i(H20) +t1-40 ^ — 

Table 1.9 Parlial charge on the water molecule in the coordination sphere of aluminum, as 

a function of the hydrolysis ratio of t he cation 

^.un..,,r,|Vr I AKOfnt^i22l^AKOH)r(OH2).. ]^ [Al(OH),(OH2),l [AlfO HMOH^ 

; oi? 

'^,,,0 + 0.37 + 0.76 ^ ^ 

short V-0 bonds arc very far from the vanadium (V-0 = 2.4 A in the vanadyl 
'■ 1 I vn nvnbiins their hiah lability and the multiple coordination of V(IV) 

rd^m (sLXp,c, 4,^SeCi„„ 4 3). Tiunium TKIV), wUh ™dius 

, = 0 61 A slightly larger than V(IV). dees not seetn to 
The [Ti(OH) 2 (OH,)al^"r which is strongly aetd.e, forms [TKOHMOH.lsl 
ITifOHldfOH?)?]^ which are not stable as monomers (see Chap e ). 

' i!^™her inleitlng point is the decrease in coordination 
cations (7 < 4) soluble in a basic medium as anionic hydroxo forms. This reducti 
in coordination is explained by the decrease in polarization of '"^‘^^X“for 

with the decrease in overall charge of the complex. The 

these water molecules can be correlated with the decrease m then partial charge 

the ztro-charge species M(OH),(OH 2 )a/-.. Ihe water molecules carry a near- 
zero partial charge, so it is difficult to say that they act as ligands. These molecul 
Z be considered as belonging to the second hydration sphere. With aluminum for 
example, the partial charge of the water molecules in the 

of various hydration ratios decreases steadily until it becomes negative (Table 1.9). 
fhe rr s tual is of course unrealistic because it would mean an elec ron 
tr^nsL^from the cation to the water molecule. In fact, -A1 NMR spectra o show 
A1 in coordination 4 in an alkaline medium [34], which confirms that, m l^he e 
conditions, water molecules have lost their nucleophilic character owing 

'^r^ifion'Lul f™l charge (z > 4). highly polarizing and 

hexacoordinated in an acidic medium, 

alkaline medium for other reasons. Because of their vr 

empty low-energy d orbitals, the tetra-oxo forms are stabilized by a system 
Tonds This point is discussed in some detail in Chapter 4, Section 4.3. 

A^ide Rom structural characteristics .specific to complexed cations, the partial 
charges model is u.seful in explaining the general behavior of elements m solution. 
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Figure 1.7 Charge-electronegativity diagram obtained from (A. 19) and (A.20), showing 
the strong acidic or basic behavior of elements 

In particular, the strong acid or strong base behavior may be explained using the 
formal charge and the electronegativity (see the appendix, Section A.3.3). The 
rc,sults of the model, summarized in Figure 1.7, arc in accordance with experimental 

observations. 

1.4 MECHANISM AND KINETICS OF HYDROXYLATION 

Owing to the strong lability of water observed for aquo complexes (Tables 1.2 and 
1.8), hydroxylation through neutralization may be treated as a ligand exchange 
reaction by substitution: 

.■ M(0H2)^+ -b HO- > M(0H)(0H2)(^:|^+ -b H 2 O 

However, the hydrogen bond network in the liquid ensures fast diffusion paths for 
the proton and the HO~ ion. so tliat the reaction may as well proceed though a 
direct attack of the aquo ligand by the hydroxyl; 

H 

M-o:^ — ^ M-o: 

H--0-H ‘‘H-O-H 

This mechanism probably occurs in the case of hydroxylation of the 0 x 0 forms. It is 
somewhat unlikely that the 0 x 0 ligand, which is strongly nucleophilic and has low 
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basicity could be substituted by the hydroxyl ion. Therefore, the reaction must 
proceed through direct reaction of the proto.t or water on the oxo ligand. 

MO''. +H; > MO^,_,(OH)<"-'>- +H,0 

1 1 / ^ ^ 

M-O ^ M-O-H-0 

H 

The kinelic, of ncu.raliee.io,, ere exircmcly fasl (201 and diffoston-controlled, 
which n,ea„e lhal the rcacioo .Me id li.nii.d onl, by fhe W™''’ 

Hydrolysi., is, -elricily speaking, a ncinraliiation earned oul by Che water 

molecule: 

[M(OH2)/y;l'' +^'^20 > [M(OH),,(OH2)^_,,]^' ' 

For this reaction [20) 

A/r(75.2-9.6d.)kJmor-', ' A 5 " = (- 148.4 + 73. U) J mor' 

^'Tir'eattimOs'sVntanco^^ (AG" <^0) for elements of charge equal to or greater 
UnTi 4 Therefore, at roo.u temperature, tetravalent elements do not exist as pu.ely 
aquo complexes, even in a strongly acidic medium. For element's 
sLller than 4, AG" becomes negative only if the temperature is higher than 298 
Th fo e t is necessary to heat the solution in order to carry out hydrolysis ol 
L cation (forced hydrolysis or thermohydrolysis). This technique is used in he 
prepar tion of particles of narrow size distribution [35]. Indeed, neutralization of a 
Sot by addition of a base inevitably leads to local pH gradients, cau.sing 
'inhomogeneities in the hydrolysis products, which condense in an “^rdncal 
manner Often they lead to amorphous solids and, under such conditions, the 
pt ict is very heterogeneous because of the overlap of nucleaUon and growth 

[tait in ibc soli’., phase <see Sec, ion 2.3). H.a.ing <3f a ‘y, 

makes it possible, particularly with trivalent elements (Al, Fe, Cr) [35], to carry o 
the hydroHsis homogeneously, in conditions close to thermodynamic equihbriun . 
; i: t::;, »„<,i,ions. ,bc s,ow speed of form,, ion of ,he bydrolye.d p.ecumom 
tows decoupling of the nuclcatiori and growth steps from a kinetic standpoint^ 
TOs allows nL,w parliele siee dislribniions. Many examples of .he usefulness of 
thennohydrolysis are given below. 

1.5 WATER UNDER HYDROTHERMAL CONDITIONS 

The thermohydrolysis of cations in .solution involves heating temperatures that do 
not exceed the boiling temperature of the solutions at atmospheric pressure, 
dttsectreviotly. L increase in temperature allows water to act as a reactant in 
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hydrolysis. It also allows acceleration ot the kinetics of- various reactions such as 
the transformation of solids in suspension. 

The hydrothermal conditions of an aqueous medium correspond to temperatures 
and pressures higher than lOO^C and I bar respectively. Such conditions allow 
considerable modifteations of the chemistry of eations in solution. They favor 
the formation of metastable structures, more eomplex, of lower symmeti7 and 
involving smaller enthalpy and entropy ehanges than ‘normal conditions [36,37]. 
Hydrothermal conditions also pertain to the geological processes during^ whieh 
many minerals have been formed. In the laboratory, such conditions are realized by 
heating a solution in a closed system (autoclave or ‘pressure bomb’) at temperatures 
ranging from 200 to 400 "C. Zeolites are a good example of the use of such 
synthesis conditions [38]. Other examples will be discussed later in this book (see 
Chapter 4). 

Although at this time, no systematic understanding has emerged to account for 
the role of such conditions in the nature of the reaction products, it is likely that the 
properties of the solvent play a fundamental role because these properties are 
significantly influenced by temperature and pressure. The thermodynamic proper- 
ties of water for temperatures of up to 1000°C and pressures of several tens of 
kilobars are well known [36]. Quantitative data are summarized in various review 
articles [36,39]. Three main points must be stressed: 

(a) The dielectric constant of water decreases as temperature increases. It increases 
with increasing pressure [40] (Figure 1.8). Hydrothermal solutions are therefore 
characterized by low dielectric constants and electrolytes completely disso- 
ciated under normal conditions will preferentially form ion pairs or complexes 
of small electrostatic charge. 

P (kbar) ' 




100 300 500 700 (“C) 



Figure 1.8 Change in the dielectric constant* of water as a function of temperature and 
pressure. Reproduced by permission of Elsevier Science Ltd, The Boulevard, Langford Lane, 
Kidlington, 0X5 1GB, UK from [40] 
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Figure 1.9 Ionic pioducl oT water as a function of temperature and density of the liquid. 
Reproduced with permission from [42] 

(b) The viscosity of water decreases with increasing temperature [41], which 
leads to an increased mobility of the dissolved species compared with normal 
conditions. 

(c) The ionic product of water increases strongly with temperature [42] (Figure 1 .9). 
Conductivity measurements allow the determination of the law of variation of 
the ionic product with temperature: 

\ogKc = -(3018/70-3.55 

The increase in temperature enhances the dissociation of water and leads to a 
decrease in its acidity scale (defined by — log KO- strength of acids and bases is 
therefore appreciably modified compared with normal conditions. Concurrent with 
the decrease in the dielectric constant of the medium, the effect of hydrothermal 
conditions on the behavior of acid-base couples of the type HA/A and HB /B 
may therefore be very different. This is the case for solvents such as water or alcohol, 
for example [43]. This explains why the basicity of the chlorine ion is much higher 
under hydrothermal conditions. In water at 500 '^C and 2kbar, the equilibrium 
constant of 

Cr +l-l20^^=4>HCl + H0- 

is 9 orders of magnitude higher than for normal conditions [41]. It is perhaps for 
this reason that quaternary ammonium cations [R 4 N]"^ and some amines R-NH 2 , 
r^-NH and R 3 -N (where R is a hydrocarbon chain) play a unique role in 
the liydrothermal synthesis of compounds with a zeolitic structure [38,44,45]. Such 
amines form acid-base couples of the HB'^VB type and are able, like [R 4 N]'^ 
cations, to involve stcric effects and hydrophilic/hydrophobic balances tunable by 
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the structure of the R groups. They also involve electrostatic interactions and 
hydrogen bonds with several ionic or molecular entities in solution. 

Under mild hydrothermal conditions, around 200 in the presence of a liquid 
phase, an increase in pressure of up to 10 bar does not seem to have a marked effect 
on the nature of the products obtained. On the other hand, thermal effects, which act 
by decreasing kinetic barriers, mostly influence the physicochemical properties of 
the solvent, favoring electrostatic interaction and the formation of hydrogen bonds. 
These interactions, that play a major role in the molecular recognitidn that 
characterizes the formation of cryptates [46,47], are probably the cause of the very 
surprising stiaictures observed under those conditions (see Chapter 4, Section 4.3.1). 
However, the state of 'current knowledge of these reactions requires some caution in 
the interpretation of the mechanisms involved under such conditions. 
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Condensation and Precipitation 
in Aqueous Solution 

The condensation of ions in aqueous solution creates entities in which identical or 
dissimilar cations are linked through various types of oxygenated bridge like HO 
or The precipitation of hydroxides through the addition of a base to aquo 

complexes, such as 

[A1(0H,)6]'-^ + 3HO;„ * A1(0H)3 -F 6H,0 

or the synthesis of oxides through the addition of an acid to an anion complex 

(Si02(0H)2l'- -F + * SiO, -F 2 H 2 O 

arc classical examples. Within the solid, AC'~ and Si'"' are linked by hydroxo or 
0 x 0 bridges respectively. The solid is obtained as submicron particles. 

Under other conditions of acidity, the condensation reaction may lead to discrete 
and soluble entities, polycations or polyanions of various size, depending on the 
degree of condensation: 

13[A1(0H2)6]^'*' +32HO" * [AlnOa(OH)24(OH2),2l’'' + 7 OH 2 O 

4(Si02(0H)2p- + * lSi40,2p“ + 4 H 2 O 

The propensity of an element to condense and precipitate in solution depends 
on its nature and on the physicochemical characteristics of the medium. For 
example, acidification of the chromate ion does not cause precipitation. A mere 
change in the color of the solution is observed, from yellow to orange, which 
corresponds to the formation of the bichromate ion, made up of two corner-sharing 
tetrahedra: 

2[Cr04]^^ + * [QyOt]^". + 3 H 2 O 

The condensation of chromium(VI) stops at the dimer stage, irrespective of the 
extent of acidification. On the other hand, tungsten(VI) condenses to a much larger 
extent but increases its coordination. Acidification around pH 4 of the tungstate 
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[W04]^^ leads to the dodecatungstic polyanion in which the coordination of tungsten 
is octahedral [1,2]: 

12 (WO,,]'-- + I8H3O' > [H2W,204o1'’- +26H2O 

Coordination 4 Coordination 6 

Under more acidic conditions, condensation of the tungstate ion proceeds to the 
hydrated oxide WO.T/iHiO. However, there is no direct structural relationship 

between the solid and the polyanion. 

Similarly, weak alkalinization of aquo cations causes the formation of 
polycations: 

2lCr(OH2)f,l^ ' + 2HO^ > [Cr2(OH)2(OH2)8)‘' '‘ + 2 H 2 O 

Under stronger alkalinization, chromium forms a series of increasingly condensed 
polycations [ 3 ], and then a hydrated hydroxide gel Cr(OH)3(OH2)3 [ 4 ]. Different 
behavior is observed for iron(lll) and aluminum(lll). Aluminum forms the stable 
hydroxide Al(OH)3 (gibbsite, bayerite) | 5 ], whereas the ‘Fe(OH)3’ hydroxide has 
never been identified. It transforms very rapidly to an oxyhydroxide through 
spontaneous dehydration [6]. 

These examples show that the condensation of metal cations is directly linked to 
their acid-base characteristics, but also that elements with similar characteristics 
may have very different behavior. In all cases, condensation may be more or less 
advanced, and precipitation represents the last stage of the reaction. 

Precipitation of cations is often considered a simple phenomenon because it is 
so common. However, the transition of the ion in solution to the solid comprises 
complex phenomena that are true inorganic polymerization (polycondensation) 
reactions. From a certain angle, the reactions are analogous to organic polymeriza- 
tion, but a systematic analysis is more difficult in inorganic chemistry because of 
the wider diversity of the elements involved. It is indispensable, however, to analyze 
the processes involved in solution during formation of the solid, because they 
will govern some of the chemical, structural and morphological characteristics of 
the resulting' solid. Understanding these phenomena would allow control of the 
characteristics of finely divided oxide powders (alumina, zirconia, titanium dioxide, 
iron oxide, etc.) which are used in many applications [ 7 , 8 ]. 

Before examining the specific behavior of a few elements, this chapter will 
identify the main characteristics of condensation and precipitation reactions in 
aqueous solution. 

2.1 MECHANISM OF THE CONDENSATION REACTIONS 

By analogy to organic polymerization processes, one may identify several steps in 
the condensation processes of metallic elements in solution. 
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(a) Initiation 

Condensation occurs when an acid is added to an 0x0 species ([Cr04]^, for example) 
or if a base is added to an aquo form {[Cr(OH2)o]^^}- This leads to the formation of 

the hydroxo ligand on the monomer: 

[M-O]' + H3O+ > M-OH + H2O < [M-OH 21 + + HQ- 

Hydroxylation of the metal cation may be obtained through an acid-base reaction 
(neutralization, thermolysis, etc.) or through an oxidation-reduction reaction. The 
charge— pH diagram (Figure 1 . 6 ) shows that reduction and oxidation of cations as 
0X0 and aquo species, respectively, allows them to reach the stability domain of 
hydroxo forms. Hydroxylation is the initiation stage of the process and the hydro- 
xylated complex is the precursor of the condensation products. 

(b) Propagation 

As soon as a hydroxylated species appears in the solution, condensation may take 
place and lead to oxygenated bridges between cations. 

If the coordination of the precursor is not saturated, as is sometimes the case with 
some metallic elements present in an alkaline medium as hydroxo {[Al(0H)4] } 
or 0X0 {[VOH^", [W04l^“} ions, extension of the cation coordination may occur via 
.nucleophilic addition (see-Chapter 4 , Section 4 . 3 ): 

-M-OH + -M-OH — > -M-OH-M-OH 
[_M- 0 ]” 4 - -M-OH > I-M-O-M-OHJ” 

In an acidic medium, the maximum cation coordination is always achieved in the 
aquo-hydroxo monomeric complex, and hence the reaction must proceed though 
nucleophilic substitution. This reaction may take place via one of three simple 
mechanisms: dissociation, association and a concerted mechanism or direct dis- 
placement [ 9 ]. 

Dissociative substitution is a two-step process involving the formation of a 
reduced-coordination intermediate. The starting complex has enough thermal 
energy spontaneously to break a bond and release the leaving group. In the second 
step, the nucleophile completes the cation coordination (Figure 2 . 1 a). 

Associative substitution is also a two-step process, this time involving a high 
coordination intermediate. The creation of a bond with the nucleophile (first step) 
occurs prior to the release of the leaving group (second step). From an energy 
standpoint, ■ this release is favored by the formation of a bond with the entering 
group in the transition state (Figure 2 . 1 b). In a concerted or direct displacement 
mechanism, the substitution is a one-step process, in which the leaving group and 
the nucleophile contribute simultaneously to the formation of the transition state. 
The formation of the bond with the nucleophile and the breaking of the bond 
with the leaving group are synchronous (Figure 2 Tc). The associative and direct 
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Figure 2.1 Reaclion pnllis for nucleophilic substitution reactions: (a) dissociative; (b) 
associative; (c) direct displacement 



displacement mechanisms are often difficult to distinguish, unless an intermediaiy 
compound can be identified directly. 

Jn each of the mechanisms, the transition states are very reactive. Therefore, the 
first step is rate-controlling and the dissociative process is called unimolecular 
nucleophilic substitution SNj. The associative and direct displacement mechanisms, 
wiiich require two partners in the transition stale, are called bimolecular nucleo- 
philic substitutions SU 2 - 

Condensation by substitution requires a charge donor, the nucleophile, which is 
able to attack the metal cation, which bears a positive charge and is an electron 
acceptor. I'he eation must also possess a coordinated group which may be elimi- 
nated (leaving group). Ligands most easily removable bear a positive charge 6"^. In 
a non-complexing medium, three types of ligand are likely to exist in the coordina- 
tion sphere of tiie cation: the aquo (H 2 O), hydroxo (OH) and 0 x 0 (O) ligands. V/hat 
is their role in nucleophilic substitution reactions? 

(i) Let us consider the aquo species [M(OH 2 )/v]"'^. The partial charges on the metal 
and the aquo ligand are positive; 

lMn(OH 2 ),r*' x = 2.657 (5(Mn) - +0.59 (5(H20) = +0.23 

[Cr(Ol-l 2 )j' ' X - 2.756 6{Cr) = +0.68 <5(H20) = +0.39 

The aquo ligand has no nucleophilic character and may only play the role of a 
leaving group. Condensation of the aquo species alone does not occur since the 
water molecule never acts as a nucleophile. 

(ii) In 0 x 0 species the partial charge on the metal is positive while 

that on the 0 x 0 ligand is highly negative: 

[Mn 04 ]" X - 2.533 5(Mn) - +0.52 6{0) = -0.38 

[Cr04r X - 2.055 6{Cr) - +0.27 6{0) = -0.57 

The 0 x 0 ligand could be an excellent nucleophile. In fact, the calculated charges on 
0 x 0 ligands are probably incorrect since the M-0 bonds have a strong ?r character 
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in the 0 x 0 species. The basic character, and hence the nucleophilic strength, of the 
oxygen atoms is probably much smaller than would be expected from such values 
of partial charges. The ?r character of the bonds does not allow the 0 x 0 ligands to 
act as leaving groups. Therefore, purely 0 x 0 species cannot condense. 

(iii) In the aquo-hydroxo [M(OH)/,(OH 2 )/v_/,l^^”^'^'’ and oxo-hydroxo [MO^_/t 
forms, both nucleophile (OH“) and leaving (H 2 O) groups are present. 
Usually, the hydroxo ligand bears a negative partial charge. If the partial charge were 
positive, the ligand would be acidic and would lose its proton. Indeed, the charge on. 
oxygen is always negative and would not be sufficient to shield the cation- proton 
repulsion. Therefore, the hydroxo ligand is a nucleophile and the presence of the aquo 
ligand allows the condensation reaction to occur. Under these conditions, the reaction 
leads to the formation of hydroxo bridges: 

M-OH + M-OH 2 ^ M-OH-M + H 2 O 

Since the aquo ligand is usually very labile (see Section 3.1), the reaction proceeds 
through a dissociative SN] mechanism with the formation of a reduced-coordina- 
tion intermediate. The rupture of the M-OH 2 bond occurs before the formation of 
the M-OH-M bond. However, iri the case of transition metal ions highly stabilized 
in octahedral symmetry by the crystal field (Cr^"^, Ni^“^), the lability of coordina- 
tion water is very low and the condensation must proceed via an associative 
mechanism with temporary formation of the [H 302 ]~ bridging ligand. 

The bridging OH groups are called ‘oT in order to distinguish them from terminal 
hydroxo ligands [10, iT]. The reaction leading to the formation of a hydroxo bridge 
is called ‘olation’. 

In the absence of aquo ligands within the coordination sphere, a hydroxo ligand 
may act as a leaving group if, through proton transfer in the transition state of a SN 2 
mechanism, the formation of an aquo ligand is possible. The proton in the ol bridge 
of the transition state is more acidic than that of terminal hydroxo ligands and may 
migrate on one of them to form the aquo ligand. This ligand may be eliminated if its 
partial charge is positive. In this case, condensation occurs with the formation of 
0 x 0 bridges and proceeds through oxolation [10]: 

H 

■ ' ■ I 

M-OH + M-OH > M-O-M-OH > M-O-M + H 2 O 

Assuming that there are no labile groups within the coordination sphere of the 
reactants, the oxolation reaction mechanism is associative. The coordination of the 
transition state must increase by one unit before a leaving group can be released. 

Experimentally, oxolation is often much slower than olation. For example, 
condensation via oxolation of silicic acid Si(DH )4 around pH 3 is much slower than 
condensation via olation of aquo-hydroxo complexes of titanium and zirconium. 
It is possible that the difference in mechanism would make olation intrinsically 
faster than oxolation. A comparison is difficult because it would require the 
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study-everything else being equal-of the kinetics of each reaction with iUc same 
chemical element. In addition, the generation of a leaving group during oxolation is 
often heavily dependent on the acidity of the medium, which makes the reaction 
very sen.sitive to acid-base equilibrium. This effect is particularly pronounced with 
silicates (see Section 4.1.1). 

Therefore, the presence of a hydroxo ligand bearing a negative charge (a 
nucleophile)’ in the cation coordination sphere is required for condensation to take 
place However, this is not a sufficient requirement. Nucleophilic attack by the 
hydroxo ligand may only take place if the cation can be subjected to it, in other 
words if its electrophilic character is high enough. Generally, many examples have 
shown that condensation occurs only if the partial charge on the cation in the 
precursor is equal to or higher than 0.3 {when the charge is calculated with the 
model presented in the Appendix). This empirical value defines the threshold for 
the onset of condensation, whatever the partial charge on the hydroxo ligand. 
Therefore, the criterion for condensation in solution is the double condition 

5(OH) < 0, ()(M) > +0.3 

The validity of this requirement may be demonstrated with a few examples. In the 
[Cr(OH)(OH 2 ) 5 ]" ' ion, 5(OH)= -0.02 and <5(Cr) = + 0.64. The monomer may 
condense and various polycations are observed in solution [3] (see Section 3.2.1). 
With phosphates, the calculations give 

[P03(OH)f^ X = 2.18 6(P) = +0.03 6(0H) = -0.48 

[P02(0H)2)“ x = 2.49 6(P) = +0.19 6(0H) = -0.20 

[P0(0H)3] X = 2.7 f (5(P) = +0.35 5(OH) = 0.0 

Condensation of anionic species does not occur because the electrophilic character 
of the cation is too weak. Phosphoric acid does not condense, because the OH ligand 
does not have a nucleophilic character. In fact, the first acidity of phosphoric 
acid is quite high and the OH ligand is unstable. Condensation of the phosphate 
cannot occur spontaneously in aqueous solution [12]. Soluble polyphosphates are 
metastable and more or less rapidly hydrolyzed in an acidic medium. Their 
condensation is obtained in the solid state only and through heating m order to force 
(Jehydration [13]. 

The hydrolysis ratio of the cation, which controls the number of hydroxo ligands 
in its coordination sphere, may be understood as the functionality of the precursor. 
The most frequent oxo or hydroxo bridges are 

^O(H). M /0(H)\ 

M-0(H)-M M ,0(H)-M M;0(H)-M 

0(H) M 0(H) 

P2-0(H) 2p2-0(H) P3-0(H) 3p2-0(H) 

The hydroxo ligand is able to form one, two or three bonds through the weakly 
bonding 3aMOs and the non-bonding tt orbitals (Figure 2.2). 
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Figure 2.2 Molecular orbital diagram for the HO ion 
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Figure 2.3 Relative distances between cations in octahedral and tetrahedral environments 
sharing a corner, an edge or a face 

The simple bridge corresponds to corner-sharing coordination poly- 

hedra, whereas the 2 ^i, 2 - 0 (H) double bridge corresponds to edge-sharing polyhedra. 
Connectivity of the coordination polyhedra through a face [3^2-0(H) bridge] is 
rare. The / 23 - 0 (H) bridge, which links three polyhedra through single hydroxo or 
0X0 bridges, is often observed. Figure 2.3 shows the relative distaiices between 
cations for associations of tetrahedra and octahedra. 
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As the number of shared corners grows, the electrostatic repulsion between 
cations becomes increasingly strong. Electrostatic repulsions are vei 7 high in edge- 
sharing telrahedra. Face sharing Ictrahedra are never observed, either in solution or 
in the solid state. The repulsion is not as strong between octahedra and edge sharing 
in this case is rather frequent, although face sharing is still rare. 

(c) Termination 

Under given acid-base conditions, spontaneous inteiTuption of the growth of an 
object in solution may occur at various stages. Condensation may be limited to the 
formation of oligomers or continue until the precipitation of a solid. Chromium(Vl) 
does not go beyond the stage of the [Cr 207 ] dimer and never piecipitates in 
solution. Chromium(Ill), on the other hand, forms a series of soluble polycations as 
long as the hydrolysis ratio h is smaller than 2.5 (see Chapter 3), and the oxide 
precipitates for h ^ 3. 

Condensation of hydroxylated and electrically charged complexes always ends at 
a more or less advanced stage, leaving discrete species in solution, either polyca- 
tions or polyanions, depending on whether the monomeric complex is a cation or an 
anion. Indeed, one cannot indefinitely accumulate electrical charges on a polymer. 
When should condensation stop? As soon as conditions allowing nucleophilic 
substitution are no longer present. Because condensation causes water elimination, 
the change in composition of the reaction product modifies its a vet age electio- 
negativity, causing charge redistribution within its structure and, therefore, a change 
in the reactivity of the functional groups. Hence, OH ligands in the polymer may 
lose their nucleophilic character [c5(OH) > 0] and cations may lose their electrophilic 
character [5(M) < + 0.3]. Usually, the nucleophilic character of hydroxo ligands 
cancels itself out in polycations, and the nucleophilic charactei of the cation cancels 
itself out in polyanions. 

However, condensation of electrically neutral ions continues indefinitely until the 
precipitation of a solid (hydroxide, oxyhydroxide or more or less hydiated oxide) or 
of a basic salt in the presence of complexing ligands. Elimination of water never 
leads to a sufficient change in the average electronegativity to cancel the reactivity 
of functional groups. 

in theoi7, a hydroxide M(OH). is formed via endless condensation of aquo- 
hydroxo complexes. However, tlie hydroxide may not be stable, its spontaneous 
dehydration, more or less rapid and extensive, generates an oxyhydroxide MO^. 
(0H)-._2 v or a hydrated oxide M0,/2‘-tH20. The reaction takes place via oxolation 
in the solid phase with elimination of water from hydroxo ligands. The reaction is 
associated with structural changes in order to preserve the coordination of the 
cation. One can formally predict the likelihood of dehydration, considering that, if 
water molecules can form in the hydroxide, they may be eliminated when they are 
no longer subject to interactions with the cations from the solid. The formation of 
water molecules in the solid requires that the charge on the oxygen of the hydroxo 
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Tabic 2.1 Partial charge of water in a few hydroxides 



Hydroxide 


6(H20) 


Ideniified phases 


Mn(OH )2 


-0.06 


Mn(OH) 2 . IS.'lnO 


Fc(OH)2 


-0.01 


Fe(OH) 2 . FeO 


Ci-(OH)3 


+ 0.01 


Cr(OH) 3 (OH 2 ),, Cr(OH)., 
CrO(OH), Cr20, 


Fe(OH)3 


+ 0.07 


FeO(OH). Fe20j 


Zr(OH)4 


+ 0.002 


Zr02-.(0H)2,«H20 

Zr02 


Ti(OH)4 


+ 0.01 


Ti02 



be not excessively negative in order to allow proton migration. Then, the stability of 
the hydroxide is simply related to the charge on water in the hydroxide. 

If (5(H20)<D in the hydroxide, the hydroxo ligands are too negative and hence 
too weakly polarized by the cations for water to form. The hydroxide is stable. If 
( 5 (H 20 ) >0 in the hydroxide, oxygen in the hydroxo ligands is highly polarized by 
the cations. The formation of oxo bridges is favored. A structural change leads to 
the formation and elimination of water. 

A calculation of the partial charge on the water in a few hydroxides shows that, 
as long as 5(H20) < 0, the hydroxide is indeed obtained. However, if (5(H20) > 0, 
the hydroxide is unstable and forms an oxyhydroxide or a hydrated oxide in 
aqueous solution (Table 2.1). This means that in stable hydroxides the metal- 
oxygen bond is strongly ionic. An increase in the covalent nature of the bond favors 
the formation of oxyhydroxides or oxides. 

Usually, elements with a +2 charge precipitate as hydroxides, and those with a 
+3 charge as oxyhydroxides (the final stage of evolution is the oxide). Those of 
higher charge form oxides of various levels of hydration [15]. This sequence is a 
clear illustration of the increasing polarization of the hydroxo ligands by the cation, 
which is associated to the covalent nature of the metal-oxygen bond. One must 
point out the case of chromium(III), for which the Cr(OH)3(OH2)3 and Cr(OH )3 
phases, which will be described later, are obtained owing to the paiticularly inert 
chemical nature of this element [16]. After heat treatment, an oxide is always 
obtained. 

In summary, condensation of cations in solution is initiated when the acidity 
allows the presence of the hydroxo ligand in the coordination sphere of the cation. 
This occurs through the addition of a base to aquo complexes of elements of formal 
charge equal to or smaller than 4, or through the addition of an acid to oxo 
complexes of elements- of charge equal to or greater than 4 (Figure 2.4). Two 
reactions, olation and oxolation respectively, ensure the development of condensa- 
tion. The condensation of cationic and anionic hydroxylated complexes is always 
limited. It leads to polycations and polyanions respectively. The formation of a 
solid requires the presence of zero-charge complexes. It is also possible (although 
less common) to involve redox phenomena in order to decrease the formal charge 
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Figure 2.4 Possible iniliiUion mechanisms for conclensalion reactions of metal cations in 
solution 

on the metal and force the appearance, under given acidic conditions, of the hydroxo 

ligand in the coordination sphere of the cation. 

The very rough classification suggested in Figure 2.4 must be somewhat miti- 
gated, particularly for elements carrying a formal charge between +3 and +5. 
Parameters such as electronegativity, size and electronic configuration affect the 
acid-base properties and must be taken into account in order to clarify the behavioi 
of such elements. Boron and aluminum, for example (z = +3).,have radically 
different behavior in solution. This is also the case for silicon and titanium (z - +4) 
or phosphorus, antimony and vanadium (z = +5). Examples will be discussed in 

Chapters 3 and 4. 

2 2 MODEL OF CATION CONDENSATION IN AQUEOUS 

SOLUTIONS 

The behavior of chemical elements with respect to condensation and precipitation 
may appear very disparate at first glance. In fact, a study of reaction mechanisms 
and reaction products allows the extraction of a few pneral rules of behavior. The 
analysis may be refined by the inclusion of a few criteria leading to a simple and 
general rationale explaining the behavior of elements in solution. The general 
approach will be described below, and the quantitative treatment is presented m the 

Appendix. . . , ■ u 

The study of the condensation mechanisms of dissolved cations in solution has 

shown that the presence of a hydroxo ligand in the coordination sphere was required 
for the reaction to take place. This imposes restrictions on the electronegativity of 
the element involved. For example, the zero-charge molecular form of 
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Figure 2.5 Charge-electroncgativity diagram drawn using equations (A. 15) to (A.18), 
showing five classes of behavior for the zero-charge MO/vHz/v form of a M cation. In 
domains 1 and V, the element remains monomeric and soluble. Elements in domain II 
condense by olation only, and those in fieid IV by oxolation. Both condensation processes 
may be simultaneous for elements in field 111 

an element carrying a formal charge z will behave as a strong base If the electro- 
negativity Xm ^ lower than the limit Xb,i. or tis a strong acid if Xm higher 
than the Xa,z •im't- Lln<Jer such conditions; condensation in solution cannot occur 
and the element will exist as a monomeric cation or anion (domains I and V m 

Figure 2.5). • ui > 

If Xu <Xm<Xa-’ hydroxo ligands in zero-charge MOyvFl 2 iv-z stable 

because their negative charge prevents their acidic dissociation. Condensation is not 
hampered and a solid is formed. If coordination water molecules are present in the 
precursor, condensation via olation leads to the hydroxide M(OH),. Otherwise, an 
oxide MOj /2 may be formed via oxolation. One may assume that dehydration of 
the hydroxide leads to formation of the oxide. This remark makes it possible to 
: set a criterion on hydroxide stability, taking into account the possibility of water 
elimination through internal dehydration (see Section 2.1). The criterion will be 
obtained using 5 (H 2 O) = 0 in the charge balance equation of the precursor or of the 
hydroxide [equation (A.17)]. An electronegativity xoi,z emerges, which limits the 
domain (Xu z .< Xm < Xoi,z) '^'thin which cations may condense via olation only and 
form stable ’hydroxides from zero-charge precursors. Such elements have moderate 
electronegativities for low oxidation levels: Ag(I), Ca(II), Mg(II), Mn(II), AI(III) 

(Figure 2.5, domain II). , 

If Xm >Xoi z’ hydroxides are not stable. Oxyhydroxides or oxides are obtained 
via dehydration if olation and oxolation are competing mechanisms. If there is no 
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aquo ligand in the coordination sphere of the monomeric precursor, only condensa- 
tion by oxolation may occur. It leads to the formation of often poorly condensed 
polyacids which form polyanions. Formation of polyanions is a result of the 
interruption of condensation at a stage when hydroxo ligands become acidic 
16(OH) 5= ()]. Such considerations again make it possible to separate two types of 
behavior in the electronegativity domain: Xoi.z ^A,t ■ 

As long as the hydroxo ligand remains negatively charged in the growing entity, 
condensation docs not stop. The formation of a solid oxide phase is possible. As 
soon as the hydroxo ligand acquires a zero or negative charge, condensation ceases 
and leads to the formation of polyacids of various degrees of condensation. The 
(5(OH) = 0 crilcrion, introduced in the charge balance equation of the MOa-H 2 a-_i 
species [equation (A. 18)] gives a value foi Xpa that, if Xoi,z ^ T m ^ Apa,c’ 

condensation via olation and o.xolation leads to Oxyhydioxides or to oxides (Figure 
2. .5, domain III). The term depends on the relative kinetics of both reactions. If 
oxolation is fast compared with olation, the solid is an oxide [Zr(IV), Ti(IV)] 
[17,18]. If it is slow, the coexistence of oxo and hydroxo bridges leads to an 
oxyhydroxide [Fc(lll), Cr(!ll)| which may later form an oxide through ageing or 
calcination [15]. Hydration may occur in such compounds owing to water trapped 
in the pores of the material or adsorbed on the particles (hydrated oxides), or as 
hydroxo groups (ol bridges) in the oxyhydroxides. 

Elements for which Xpa..- < X m < Xa„- (Figure 2.5, domain IV) form polyacids of 
various degrees of condensation. Some high-charge transition metals [V(V), Cr(VI), 
Mo(VI), W(VI)] strongly polarize the hydroxo ligands in the complexes formed 
during stoichiometric acidification (MO^/ -F a'H^) and their condensation via oxola- 
tion stops fairly early. The condensed entities are strong acids that form polyanions 
[1,2]. In a way, these entities are the last stage of evolution for condensation via 
oxolation. However, some of these elements [V(V), W(VI)] are able to form solids 
after ageing (hours or days) of the solutions. Polyanions are not directly involved 
because there is no relationship between the structure of the solid and that of the 
polyanion. Quite to the contrary, growth of the solid always seems to involve at 
least an olation step between monomeric or oligomeric species lesulting from 
decondensation equilibrium of the polyanion. Some examples of possible formation 
mechanisms of oxyhydrates such as V2O5 /PH2O, WO3 • H2O or WO3 • 2H2O arc 
discussed in Chapter 4. 

Antimony(V) and tin(IV) form polyacids and oxides by oxolation (Figure .2.5) 
(.see Chapter 4), but one or several olation steps are also involved. Zero-charge 
complexes such as Sb(OH)j(OH2) or Sn(OH)4(OH2)2 contain aquo ligands. 
Hydrated antimony oxide HSb03 • HjO precipitated in solution is a strong acid in 
which the solvated protons in the three-dimensional oxide network are mobile and 
can be substituted by cations [19]. In the case of silicon(IV), although the Si(OH)4 
precursor is able to condense via oxolation only, a solid is formed; Si02 -nH20 
[20a]. In silica, the terminal hydroxo ligands exhibit a rather strong acid character 
and the solid may be de.scribed as a high molecular weight polyacid. In fact, the 
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charge of the hydroxo groups on the growing polymer becomes positive at a late 
stage of condensation and the polyanions gel or flocculate by aggregation in aqueous 
solution. 

In the case of boron, the hydroxo ligands in B(OH )3 bear a negative partial 
charge. However, boric acid does not condense because the partial charge on the 
cation is too small. The monomeric form B(OH )3 is stable in solution. The solid 
phase, obtained after drying, is made of monomeric units connected by hydrogen 
bonds [15,21]. Boron appears to be a unique element in the respeet that the 
coordination 3 in boric acid is stabilized by the strong tt character of the B-OH 
bonds. After alkalinization, borates. are in tetrahedral coordination and are able to 
form polyanions with boric acid (see Chapter 4). 

Figure 2.5 summarizes the acid— base properties and possible condensation 
behaviors in solution for all elements of the periodic table. It is possible to 
predict and understand the main trends on the basis of their electronegativity and 
their oxidation level. The next chapters are concerned with the specific behavior 
differences for elements within one class. 

2.3 KINETICS OF SOLID FORMATION: NUCLEATION, 
GROWTH, AGING 

Hydroxide, oxyhydroxide or hydrated oxide solid phases obtained via precipitation 
are made of particles whose average size may range from a few tens of angstrom to 
a few microns. Particle morphology may vary depending on synthesis conditions, 
and aging in aqueous solution may bring about significant dimensional, morpho- 
logical and structural changes. In order to understand how small particles form 
and what influence experimental parameters have on their characteristics and 
evolution, it is useful to review the kinetic aspect of condensation mechanisms. 

2.3.1 STEPS OF FORMATION OF A SOLID 

The precipitation of a solid involves four kinetic steps [22-25]. 

(i) Formation of the zero-charge precursor [M(OH)-(OH 2 )/v_J°, which is able to 
condense and form a solid phase. Hydroxylation of the cation is a very fast acid- 
base reaction, but the speed of formation of the zero-charge precursor in solution is 
very variable depending on whether the reaction starling from cationic complexes, 
for example, lakes place through the addition of a base, Ihermohydrolysis or the 
thermal decomposition of a base such as urea. 

(ii) Creation of nuclei through condensation (olation or oxolation) of zero-charge 
precursors. The condensation rate is a function of the precursor concentration and, 
as long as it is small at the onset of cation hydroxylation, the rate is almost zero 
(zone I, Figures 2.6 and 2.7). Beyond a critical concentration Cmm, the condensation 
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Number Size 




Figure 2.6 Cliangc (a) in llie number and sizes of particles formed in solution and (b) in the 
concentration C of the soluble precursor of the solid phase [23] during precipitation. The 
condensation rale, which is zero for C < Cmin^ becomes infinite for C ^ Cmax- Cs is the 
solubility of the solid phase 




Figure 2.7 Nuclealion rate n and growth rate c as a function of the precursor concentration 
in solution. Zones labeled 1, II and III correspond to those in Figure 2.6 



rate increases abruptly and polynuclear entities— the nuclei— are formed in an 
‘explosive’ manner throughout tlie solution (zone 11, Figures 2.6 and 2.7). Indeed, 
nucleation is an abrupt kinetic phenomenon because, since its order is high 
compared with the precursor concentration (see later), it is either extremely fast 
or non-existent witliin a narrow concentration range (Figure 2.7). If the rate of 
generation of the precursor is significantly smaller than the condensation rate, 
nucleation sharply reduces the precursor concentration and the condensation rate 
decreases equally rapidly. When the precursor condensation is again close to Cmin> 
formation of new nuclei is no longer possible. 

(iii) Growth of the nuclei through the addition of matter, until the primary particle 
stage is reached. This step follows the same chemical mechanisms as nucleation: 
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olation or oxolation. However, for a concentration close to Cj^in) fhe nucleation rate 
is very small and precursors condense preferentially on existing nuclei, which 
causes their growth until the precursor concentration reaches solution saturation, in 
other words the solubility limit of the solid phase (zone 111, Figure 2.6). Growth, 
which has a kinetics of first or second order, is a somewhat fastei process. Precursor 
condensation during precipitation is a function of the respective rates of precursor 
generation and nucleation. Nucleation and growth phases could therefore be 
consecutive or overlap and occur simultaneously if the precursor concentration 
stays higher than Cmin- 

The number, and tlierefore the size, of the primary particles that form from a 
given quantity of matter is linked to the relative nucleation and growth rates. In 
order to obtain particles of homogeneous size, it is necessary that the nucleation and 
growth steps be separated to ensure that a singular nucleation stage takes place, and 
that their growth, via accumulation of all remaining matter, be controlled. This 
implies that the nucleation rate should be much greater that the rate at which the 
precursor is generated. Under these conditions, nucleation is vei'y brief and clearly 
decoupled from the growth phase. If the nucleation rate is not high enough 
compared with the rate of generation of the precursor, the precursor concentration 
remains higher than throughout the reaction, and nucleation and growth are 
simultaneous. The growth of the first nuclei is much larger than that of the younger 
ones, which leads to a large particle size distribution. 

(Iv) Ageing of the particles in suspension leads to various possible modifications of 
the primary particles after their growth. ‘Ostwald ripening’ leads to an increase in 
the average particle size, and possible aggregation (zone IV, Figure 2.6). Ageing 
may also trigger a change in morphology and crystalline structure or even cause 
crystallization of amorphous particles. In fact, ageing is one of the most important 
phenomena which must be considered, because it determines the characteristics of 
the particles after precipitation. 

The following sections explore the main characteristics of nucleation and growth, as 
well as various ageing mechanisms. 

2.3.2 NUCLEATION 

Nucleation corresponds to the first stages of precursor condensation and solid 
formation. What are the parameters that affect the size of nuclei and their rate of 
formation? 

The free enthalpy change of nuclei formed from n precursors F, includes a 
term due to the chemical potential difference {ps - Pl) of the P entity in the solution 
and in the solid, respectively, as well as a term representing the energy required for 
formation of the surface of the nucleus [22]: 

AG = n{ps - Pl) + A7 



( 2 . 1 ) 
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where 7 is the interfacial tension or energy, 7 = dC/dAy and A is the surface area of 
the solid (see Section 8.2.1). 

Assimilating activity and concentration, the cliemical potential difference may be 
written as {/is ~ (i\^) = kT \n{cs/c\^) ~ —kT \nS, where cl ivS the precursor 
concentration in the solution, cs is the solubility of the solid phase and 
S = cl/cs is the supersaturation ratio of the solution. 

The radius r of nuclei (assumed to be spherical), formed from n precursors of 
molecular volume is r = (3/r;/47t) The surface of the nucleus is A = 
{36nv^y^^ and the free enthalpy of nucleation is 

AG - -nkT \nS 3- ' (2.2) 

The surface tension 7 is usually positive and the solution is usually supersaturated 
(S > 1). The first term of equation (2.2) is negative and the second one is positive. 
Under these conditions of spontaneous precipitation, the formation of nuclei in 
Iiomogeneous solution requires passage through a maximum in the free enthalpy of 
reaction (Figure 2.8). This maximum corresponds to the formation of the activated 
complex in the transition state of any chemical reaction. 

The activation energy required for nucleation corresponds to that of the 
maximum cliangc in AG as a function of n. The number of precursor molecules n* 
in ‘critical’ nuclei is given by d{AG)/dn = 0, or 




Figure 2.8 Variation in the free enthalpy of formation of nuclei as a function of ihe number 
of precursor molecules n associated in the nucleus. Curve a for a solution that is not 
supersaturated {S < 1); curves b and c are for a supersatured solution, with 5c > 5b > 1 
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and the corresponding change in free enthalpy is 



AG^ 



167T7^li^ 
3{kT In 5) 2 



The radius of the critical nucleus is given by the Gibbs-Kelvin equation: 

= (2.5) 



The size of the critical nuclei is smaller for higher supersaturation and smaller 
surface tension. For a given solid, the latter is a strong function of the physico- 
chemical conditions of the medium (see Chapter 8). The critical nuclei are in 
an unstable equilibrium with the solution. They coixespond to a maximum of 
AG = f(n), which means that a small change in their size leads to either dissolution 
or growth because 5( AG ) /dn < 0 in either case. In fact, the probability of growth of 
the nuclei is higher than that of dissolution, and precipitation is spontaneous. 

From a kinetic standpoint, the nucleation rate J represents the number of nuclei 
formed per unit time per unit volume. It is expressed as [22] 



J 



Jq exp 




( 2 . 6 ) 



where Jq is the frequency of collisions between precursor molecules (usually 
between 10^^ and 10^^cm“^s"') and AGn is the nucleation activation energy, 
which includes two major contributions. The first is the height of the energy barrier 
AG* required for the formation of a nucleus large enough to be stable [equation 
(2.4)]. The second component, AG^, is related to the type of chemical reaction 
(olation and/or oxolation) involved in the process. It is usually of the order of 
35kJmol“'. Basic or acid catalysis in oxolation (see Chapter 4) decreases the 
activation energy of the reaction to a few kJ mol“' [26]. 

Hence, the nuc]eation rate may be written as 




Jq exp 



167:7^x1^ 

3{kT)\[nSf 



(2.7) 



with 7g = 7 q exp(— AC'^/fcr). 

Nucleation phenomena are difficult to investigate experimentally because their 
rate changes very abruptly with concentration. At 300 K, with usual parameters for 
oxides (7 = 100 mJ m“^, v = 2 x 10“^ m^ mol \ Jq = 10^^ cm“^ s“'), 10^ nuclei 
arc formed per Icm^s^’ for 5= 100. The reaction is instantaneous, whereas 
for 5 = 10 a single nucleus is formed every 10^® s and nucleation is impossible. 
Nuclei are also very difficult to detect owing to their small size (the degree of 
condensation /T is typically a few tens of units). Usually, an ‘induction time’ rjnj 
is determined via light scattering, /jnti being the time at which the intensity of 
the scattered light changes sharply [27]. From the final size and amount of matter 
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formed, one may calcLihitc the number of particles and determine a pseudo 
nucleation rate J = A^/^nd- Measurements for various supersaturation conditions S 
allow estimation of the pre-exponential term ^^d of the surface tension of the 
solid, 7 [22,28,29J. 

Strictly speaking, nucleation does not have a definite kinetic order, although 
experimental log J = f (log S') curves do fit approximately on a straight line over a 
few decades of J [22]. Within a small concentration range, it is possible to write 
J _ where n is roughly equal to n\ the number of monomers in the critical 

nucleus. This is only an approximation because n* is itself a function of S [equation 
(2.3)], and the probability of a simultaneous collision between /T monomeric 
precursors is zero. More probably, the formation of the critical nucleus is the result 
of consecutive bimolecular steps. However, it may depend on an n*th power of the 
concentration, considering that, since all steps are very fast, they all contribute to 
the global equilibrium [30]. 

When crystals of a solid are present in the precipitation medium, nucleation is 
often sharply accelerated. This is a typical catalytic effect due fo a decrease in 
activation energy. The latter is a function of the solid-liquid surface energy 7 
[equation (2.7)], and, when the surface of the foreign solid is compatible with that 
of the precipitating solid surface because of the presence of adsorption sites (see. 
Ciiapter 9) or structural similarities (see Section 4.3.2), the solid-solid surface 
tension 7' is smaller than the solid-solution tension 7 [22]. Nucleation on the 
surface of the foreign solid occurs more easily. The nucleation is ealled hetero- 
geneous, and it is used in the seeding process, in which crystals of the desired solid 
are placed in the solution [31,32]. The very small energy barrier allows epitaxial 
growth of the nuclei even at small supersaturation levels. Heterogeneous nucleation 
also allows the coating of particles with a different oxide, avoiding homogeneous 
nucleation of the seed. Oxide particles [chromium, iron (hematite), titanium, silicon] 
can be coated with other oxides (aluminum, chromium, yttrium, etc.) [33-35]. 
Heterogeneous nucleation can also be avoided using ultrafiltration and careful 
washing of the particles before precipitation, in order to avoid the presence of 
nuclei or heterogeneities [22]. 

Nucleation is usually difficult to control using the concentration of the precursor, 
but it may nevertheless be efficiently controlled by a modification of the solid- 
liquid surface tension. Effects of the adsorption of anions or cations, pH variations 
and the ionic strength of the precipitation medium will be discussed in Chapter 8. 

2.3.3 GROWTH 

The unstable nature of critical-size nuclei formed during the nucleation stage 
leads to their growth through incorporation of the precursor molecules, which 
continue to be generated after nucleation. The average size of the final particles 
depends on the number of nuclei and the amount of matter available during the 
synthesis, but the width of the particle size distribution is linked to the mechanism 
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of nuclei growth. The kinetic step that limits the growth rate may be either the 
diffusion of the precursor towards the surface or a surface reaction prior to 
incorporation [22]. 



(a) Diffusion-limited Growth 

It takes place when the chemical reaction of incorporation is very fast. The change 
in particle size with time is given by [22,36] 

dr _ D(C - Cj)i; ^2 g) 

r r 

where r is the radius of the particle (assumed spherical), D is the diffusion coeffi- 
cient of the solute of molar volume v and concentration C, and Cs is the solubility 
of the solid. 

The width of the size, distribution Ar is given by [22,36] 

(2.9) 

r \rJ kq 

where cq and Aro are the nuclei size and the width of the size distribution respec- 
tively. The larger the growth, the smaller is the relative width of the distribution 
Ar/r, When the size of the particles is very large, of the order of 10 pm, their 
movement in the solution creates turbulence and convection currents that lower the 
eoncentration gradients near their surface and accelerate their growth. It is rare, 
however, for diffusion-limited growth to lead to monodispersed solutions because, 
under high supersaturation, nucleation and growth steps overlap and the fonnation 
of nuclei is continuous during a large part of precipitation. 

(b) Growth Limited by a Surface Reaction 

The kinetic step is the incorporation of the precursor on the surface of the nuclei, 
and a new nucleation step, this time on the surface, must take place in order to form 
two-dimensional nuclei (Figure 2.9a). 




Figure 2.9 (a) Surface nucleation with two-dimensional growth of the nuclei, The hatched 

area represents the surface created by the formation of the nucleus, (b) Spiral growth around 
a defect 
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Primary homogeneous nucleation and surface nucleation are analogous pheno- 
mena, but the activation energy of the latter is smaller because only the outer limits 
of the nucleus participate in the creation of the surface. If the surface nucleation 
rate is much smaller than the two-dimensional growth rate for the surface nucleus, 
each new layer comes from a single nucleus. Growth takes place according to 
a ‘mononuclear’ mechanism which is a function of the surface area. If surface 
nucleation and growth rates qre similar, several nuclei form simultaneously and 
may fit into one another. New layers begin to form prior to the previous ones being 
completely covered. Tliis ‘polynuclear’ growth mechanism is independent of the 
surface area [22,36]. 

Quantitative analysis sliows that, for the mononuclear mechanism [22], the 
growth rate of the particles is 

- = ( 2 . 10 ) 

6i 

where k,„ is the rate constant, and in is the approximate number of precursor 
molecules contained in the surface nuclei. Because their growth rate is proportional 
to the surface area, the larger particles grow faster. This mechanism leads to a 
broadening of the relative sixe distribution of the particles: 




The polynuclear growth rate is 

_ r (2.12) 

- - 

and the relative width of the size distribution is written as 

' (2.13) 

r \r / /■() 

Other growth mechanisms may take place, such as spiral growth. It takes place from 
a structural defect such as a dislocation formed during nucleation or during the 
initial steps of growth. Subsequent growth maintains the defect by wrapping itself 
around it (Figure 2.9b). This mechanism allows the growth of particles on a singular 
defect, since it creates little or no increase in the solid-liquid interface and therefore 
the activation energy is very small and this mechanism may occur at very low 
supersaturation (6 ~ 1). 

Growth mechanisms do not obey the same power laws of coneentration and 
particle size [equation (2.8), (2.10) and (2.12)]. Therefore, they will occur as the 
predominant mechanism in different concentration ranges (Figure 2.10). However, 
as precipitation progresses, the medium concentration decreases and the particle 
size increases. Several mechanisms contribute to growth, and composite rate laws 
[22,37 1 must be used to describe the evolution of the system. 
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Figure 2.10 Domains of predominance of the main growth mechanisms: M mononuclear; 
P polynuclear; D diffusion. The evolution of O (dashed lines) with concentration is 
approximately linear during precipitation initiated through mechanisms 1 (a), 2 (b) and 3 (c). 
Frorn [22] 

2.3.4 AGING 

Nucleation and growth steps create particles under kinetics control following a 
reaction path of minimum activation energy under conditions imposed on the 
system (acidity, concentration, temperature), but the products are not necessajily 
thermodynamically stable. Aging of the suspensions, which may take place over a 
very large time scale (hours, days or months), allows the system to tend towards or 
to reach stability^ and this is why ageing is often associated with modifications of 
some physical or chemical characteristics of the particles. Some of the most 
frequently observed phenomena are described below. 

(a) Increase in Particle Size 

This is manifested by a shift in particle size distribution owing to the disappearance 
of the smaller molecules and the formation of larger ones (Figure 2.11a). This 
evolution is possible because, if the liquid-solid interfacial tension is positive, tnie 
thermodynamic stability is reached when all precipitated matter is gathered in a 
single particle. The surface area of the solid is therefore at a minimum [equation 
(2.1)]. From another point of view, the Gibbs-Kelvin equation (2.5) shows that, for 
a concentration corresponding to saturation, only particles with radius r are in 
equilibrium with the solution. For particles with r < r the solution does not appear 
to be saturated and they must redissolve. For those particles with r > r the solution 
is supersaturated and the particles, must grow {dlSG/dn < 0). The process involves 
transport of matter through the solution in what are referred to as ‘dissolution- 
crystallization’ mechanisms. This process can be very slow, because it occurs for 
very low concentrations (5 ~ 1) and because, as is the case for hydroxides or 
oxides, it requires breaking of hydroxo or oxo bridges. This secondary glowth must 
proceed through surface nucleation or spiral growth. 
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Figure 2.11 (a) Particle size distribution of Fc 304 magnetite during aging and (b) Size 

distribution normalized for various times. From [39] 



A quantitative treatment of the kinetics of the phenomenon [22,37,38] shows 
that this secondary growth process leads to a change in the absolute particle size 
distribution, but the normalized particle size remains unchanged (Figure 2.11b). 
This peculiarity is one way of confirming that secondary growth follows the laws of 
Ostwald ripening, without involving other phenomena such as aggregation or 
coalescence. In practice, the evolution of the system stops before all particles are 
transformed because the increase in the size of the particles decreases the rate of 
dissolution, and a pseudo-equilibrium is soon reached. 

A decrease in the area of the solid-liquid interface may also occur via particle 
aggregation. It is favored by the physicochemical conditions of the medium (pH, 
ionic strength) which minimize the surface electrical charge of the particles (see 
Chapters 6 and 8). In the absence of an electrical double layer, particles attract each 
other and aggregation allows, more easily and rapidly than crystalline growth, a 
decrease in the area of the oxide-solution interface, and hence the attainment of a 
pseudo-stable state. 

One must note that aggregation does not necessarily occur at a specific stage of 
the evolution of the system. It may occur as early as the onset of nucleation, or at 
any stage during growth, causing formation of dendrites, mosaic crystals or fractal 
structures [40]. 
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Aggregation of primary particles bolsters the dissolution-ci7stallization 
equilibria because the areas close to the contact point between particles (concave 
surfaces) have smaller solubilities than the areas of positive curvatures (convex 
surfaces). Gibbs-Kelvin equation (2.5) may be rewritten as 



6'oo 



exp 




(2,14) 



where Sr and Soo are the solubility of a particle with radius r and of a flat surface 
(infinite radius) respectively. Therefore, the contact zones between particles fill 
themselves until the solubility difference between the different zones is appreciably 
decreased. The phenomenon is more predominant as the size of the primary 
particles is small. This may lead to coalescence, i.e. ‘fusion’ of the primary 
particles, chain stiffening of spherical particles and even their transformation into 
fibers or sticks. Such motphological transformations are observed with aggregates 
of silica [20b] and tin oxide particles [41], for example. 



(b) Change in Crystal Type 

In the case of a crystal that may exhibit various allotropes- the least stable and most 
soluble phase usually precipitates first. This metastable phase is transformed during- 
ageing into a more thermodynamically stable phase. This phenomenon, known as 
the Stranski rule [42], is explained using kinetic considerations. 

Equations (2.5) and (2.7) show respectively that, for a given supersaturation 
level S, the nucleus size is smaller and the nucleation rate is larger for a smaller 
solid-solution inteifacial energy 7. Since solubility is inversely proportional 
to interfacial tension [43], precipitation of the most soluble phase is favored 
kinetically (it is the least stable thermodynamically). Because of its solubility 
and metastable nature, this phase is of course more prone to ageing, which 
leads to recrystallization of the more stable phases, usually through heterogeneous 
nucleation [31]. This phenomenon is typical of many hydrates, such as titanium 
oxide Ti02 which forms the anatase and rutile phases consecutively (see Section 
3.2.3b), or aluminum hydroxide for which the amorphous phase Al(OH)3 • j:H 20 is 
transformed into boehmite first and bayerite later [44,45], or again amotphous iron 
oxyhydroxides (ferrihydrites) which form goethite a-FeOOH or hematite a-Fe203 
(see Section 3.2.1c). 

At times, heavily hydrated ' metastable phases, either amorphous or weakly 
' crystalline, are formed initially during neutralization of cations such as Al(lII) and 
Fe(III). The particles seem to form by aggregation of very small nuclei, rather than 
by crystal growth. In fact, the first stages of hydrolysis and condensation can lead 
vei7 rapidly to polycationic entities that are very hydrated and chemically inert. 
They do not act as a reservoir for monomers but, rather, they aggregate because of 
the cancellation of their charge during. neutralization, causing the formation of a 
solid without structure. Internal modifications (dehydration, crystal rearrangement) 
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allow subsequent nucleation of more stable phases [31,46,47]. Some examples are 
discussed in the following chapters (see Section 3.2.3a). 

Preferential precipitation of the least stable phases may be used as a means 
of controlling and regulating the nucleation processes in order to form particles of 
homogeneous si/x. The initial precipitation of a basic salt, for example, containing 
ligands other tiian hydroxo or oxo, forms a reservoir which releases the metallic 
cation slowly and maintains its low concentration in solution. This favors nliclea- 
lion of the stable phase of the oxide and allows growth of monodispersed particles. 
In these conditions, an 'ideal’ separation of the nucleation and growth steps may be 
obtained. Tlie synthesis of chromium oxide particles from a basic sulfate is a perfect 
example of this mechanism [48] (see Section 5.5.1). 

(c) Changes in Morphology 

The morphology of particles formed by precipitation is very intricately connected 
to the experimental conditions of the synthesis. Recrystallization of a solid in 
suspension into a more Ihcrmodynamicaily stable species is frequently associated 
with a change in the shape of the particles. It is difficult to predict the shape of the 
particles in a solid because the same crystal structure may exist under various 
morpliologies. 

A sphere is, from a thermodynamic point of view, the most favored geometry 
because its minimal surfacc/volume ratio decreases the free enthalpy of nucleation 
[equation (2.1)]. Small particles of many solids are very often spheroidal,. However, 
particle anisotropy develops during growth, for structural or chemical reasons. 
Growth may be favored along preferential axes or crystallographic planes because 
the chemical reactivity of surface groups, on which the precursors bind, depends 
on many parameters such as local structure and electrostatic charge, as well as 
aggregation of primary particles. The last two factors are strongly linked to the 
pH of the solution and to the presence of complexing ions. Hematite (a'-Fe 203 ) 
particles of various morphologies' are obtained through recystallization of akaganeite 
(/5-FeOOH) under various experimental conditions [49] (Figures 2.12 and 2.13) or 
in the presence of various complexing agents [50] (cf. Section 5.4). The role of such 
parameters is discussed in more detail in Chapters 5 to 8. 

In summary, the precipitation in solution of small solid particles follows four 
main kinetic stages. For most fundamental studies or applications, it is usually 
desirable to obtain particles of homogeneous size. This imposes a control over the 
relative rates of these stages via a control of the essential parameters on which they 
depend: precursor concentration and solid-solution inteifaciaJ tension (at a given 
temperature). 

The precursor concentration (supersaturation level) must be maintained as low 
as possible after nucleation, in order to prevent, as far as possible, simultaneous 
occurrence of nucleation and growth. Several techniques may be used to this 
effect. 
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Figure 2.12 (a) * Akaganeite particles formed by treatment of a solution of FeCl 3 

(0.018moir‘) and HCl (O.Ol mol 1"’) .at 100°C for l2h and (b) transformation into 
pseudospherical hematite particles after 1 week of healing; (c) akaganeile particles formed by 
heat trealinenl of a solution of FeCl 3 (0.018 mol 1”') and HCl (0.05 mol I *) at 100 °C for 1 h 
and (d) transformation into double ellipsoidal hemalite after 1 week of heal treatment; (e) 
aggregates of akaganeite particles obtained by heat treatment of a solution of FeCH 
(0.45 mol r‘) and HCl (0.01 mol r‘) at 150°C for 13 min and (f) transfonnation into 
particles of cubic hematite after 24 h of heat treatment. Reproduced by permission of 
Academic Press from [49] 







Figure 2 13 Henialile panicles obtained by addition of sodium hydroxide to an FeCli 
solution (final Fe concentration Imoll-'): (a) pseudocubic particles obtained after heat 
treatment at 100°C for 8 days of a suspension of (OH /Fe = 5.4); (b) platelets obtained aflei 
heat treatment at I80°C for2h of a suspension of (OH /Fe = 8); (c) spmdle-shaped particles 
obtained by heat treatment at lOO'C for 2 days of a solution of 2 x 10 moll in FeClj and 
3x 10 '’mol r' in NaH 2 P 04 . Reproduced by permission of Academic Press from 



When a reaction takes place under a set of fixed constraints (composition, 
concentration, aeidity, temperature, etc.), it is necessary to study the way in which 
these constraints are applied to the system. Let us consider, for example, an acidic 
solution of a cation at fixed temperature and eoncentration. At pH < 1, hexa-aquo 
ions are predominant and stable as monomers. Precipitation of the solid requires the 
presence of hydroxylated complexes which are obtained by increasing the pH of the 
solution. From a thermodynamic point of view, it is easy to link the rate ol 
hydrolysis of the cation to the pH of the solution, and therefore it is easy to know 
the form(s) present in the medium and to predict which species will be formed: 
polycations, polyanions or solid phase(s), and it is possible to adjust the pH 
accordingly. From a kinetics point of view, the situation is complex because a 
destabilization of the solution may occur in different ways. 



(i) Addition of a Base 

During the addition of a droplet of a base in the .solution, a strong pH gradient exists 
locally around the droplet because the mixing and homogenezation are relatively 
slow (of millisecond order in a turbulent medium) compared whh die rate of 
exchange of the protons with the aquo complex (kwlO''’mol s ). Before 
reaching equilibrium, a collection of species of variable hydrolysis ratios is formed, ; 

each of which with its own reactivity. Condensation via olation of these various 
forms occurs in an anarchical manner, in time and in space, which results in 
particles of very different sizes that do not neeessarily eorrespond to thermodynamic | 

equilibrium if kinetic constraints are involved. | 
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(ii) Thermohydrolysis 

Rather than modifying the composition of the system abruptly, it is preferable to 
Work near equilibrium, in a homogeneous system. This may be achieved by 
generating the reactant (the base) within the solution while heating. The reactant 
may be water itself during thermohydrolysis (see Section 1.4), or a thermally 
unstable molecule such as urea: 

(NH2)2C=0 + 2 H 2 O — — > 2NH+ + CO^" 

which acts as a buffer and maintains the solution around pH 7.8. 

These reaction rates may be adjusted thermally, and it is possible to tune both 
the extent and the rate of hydrolysis, thereby controlling nucleation. This results in 
a narrow particle size distribution. Similarly, thermal decomposition of metallic 
complexes or basic salts allows regulation of the precursor concentration and control 
of the precipitation of the solid. Matijevic’s research [35,51] clearly demonstrates 
the efficiency of such techniques. 

Another factor, which is seldom considered, is the oxide-solution surface 
tension. This quantity can vary considerably for a given solid, depending on chemical 
composition and surface electrical charge density. These values are controlled by 
the pH and the ionic strength of the medium. Tuning these values allows, for a given 
metal concentration and in particularly favorable cases, modification of the 
respective rates of nucleation and growth, as well as the control of aggregation and 
ageing processes [52]. Further discussion on this topic, which requires a detailed 
description of the oxide-solution interface, can be found in Chapter 8. 
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Olation: Polycations and Solid 

Phases 




Condensation of cations by olation takes place by formation of hydroxo bridges (ol 
bridges) [1]. The OH ligand acts as the nucleophile in the nucleophilic substitution 
reaction. It only undergoes a change in coordination as it goes from terminal ligand 
in a monomer to bridging ligand in a condensed species. Therefore, this mechanism 
requires the pre-existence of a leaving aquo group, in order to prevent deproton- 
ation of the OH ligand (see Section 2.1). Thus this reaction concerns neutral (/i z) 
or charged aquo-hydroxo complexes [M(OH);,(OH 2 )/v_/J^^~^'^^ formed by elements 
with an oxidation number smaller than or equal to 4. Condensation leads to soluble 
polycations if h < z, or to solids if h = z. The solid is an oxide or an oxyhydroxide 
as the formal charge of the cation increases. The formation of an oxide requires that 
an oxolation step should follow the olation reaction. 



3.1 THE OLATION REACTION 
3.1.1 MECHANISM 

The olation reaction between aquo-hydroxo complexes, or between aquo-hydroxo 
and aquo complexes, may be schematically written as 

-M-OH -}-■ -M-OH 2 — > -M-OH-M- -h H 2 O 

The reaction involves elimination of the aquo ligand. It is kineticaily controlled 
by the lability of the M-OH 2 bond, which is usually rather high (Table 1.2). The 
lability of thp M-OH 2 bond increases as the formal charge z of the cation decreases 
and its size fmereases (owing to the small polarizing power of the cation) [2,3]. In 
this case, condensation proceeds via a dissociative (SNO mechanism involving an 
intermediate compound of reduced coordination number. In the absence of -other 
specific factors such as the presence of complexing ligands or steric effects, the 
olation reaction is usually very fast, and is essentially diffusion-controlled. 
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Transilion elements for which the crystal field stabilization energy (CFSE) in 
octahedral configuration is high (Cr^-^ d^ Ni^+ d®) form aquo complexes of very 
low reactivity, i.e. inert towards substitution [4], The large change in CFSE owing 
to symmetry changes contributes to the activation energy of the reaction. For the 
formation of a pcntacoordinated intermediary compound with symmetry; 

1M(0H2)(,]''- * [M(OH2)5p'- + H 2 O 

Symmetry O/, Cav 

the change in ChSE is (^ci-sc “ — CFSEq;,- For Fe , <5cfse — 0* The Fe— 

OH 2 bond is very labile and the rate constant of the reaction is approximately 10 
s^'. It is about lO'^’s”' for Cr^^, for which 5 cfse = +0.2Ao- 

For these elements, the reaction mechanism is probably more complex. Analysis 
of the structure of condensed Co(IIl) compounds in low spin configuration, as well as 
studies of Cr(III) cations strongly stabilized by the crystal field, reveal the existence 
of the bridging ligand [Fl 302 ]^ [5] (Figure 3.1). This ligand is formed by a strong 
hydrogen bond between the OH of one cation and the H 2 O of the other. The [H 3 O 2 ] 
is unstable, but its existence, albeit temporary, shows that condensation proceeds, 




(b) 

Figure 3.1 (a) Fragment of the chain of //'fln 5 --[Co(en) 2 (H 302 )],^^‘'^ • 2/^ C 104 bearing the 

[H 3 O 2 ]” ligand in which the proton appears approximately in the central position along the 
0-0 axis (distances 0 - 0 2.44 A, 0-H 1.22 A, 0-H,ion-bridging about 0.95 A). Ciysj.al 
structures of (b) [(lren)Co(H 302 ) 2 ~Oo(tren)] and (c) cE[(bipy) 2 Ci (H 302 ) 2 Cr(bipy) 2 ) > 

where en == cthylencdiamine, bipy = bipyridine and tren triaminotnethylamine. From [5] 
with permission 
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for these elements, according to an associative mechanism with the formation of an 
outer sphere complex or the formation of an ion pair during the transition state: 

H 

i 

M-OH 4^ H 2 O-M — ^ M~G • • • H-O-M 

H 

This step is followed by breaking of the M-OH 2 bond and elimination of the aquo 
ligand: 

H 
. I 

M-0 • • • H-O-M — ^ M-OH-M T H 2 O 
I 

H 

The [H 302 ]~ bridges have a rather long lifetime because of the chemical inertia of 
the cations, but they are not very stable. With more reactive elements, the OH 
bridge forms immediately and such intermediate compounds cannot be isolated. 

Condensation of monohydroxylated species may lead to the formation of chains 
of corner-sharing polyhedra, or to the formation of dimers in which the polyhedra 
share edges via a double ol bridge. This type of bridge is formed via intramolecular 
olation after the formation of the first bridge. If a hydroxo ligand maintains a 
sufficiently high nucleophilic strength, the same mechanism may occur once more 
with a third cation, causing the formation of a /X 3 -OH bridge. Large complexing 
ligands do limit edge or corner sharing of the coordination polyhedra by steric 
effects (Figure 3.1). 

3.1.2 STRUCTURE 

The stmeture of condensed species is controlled by several factors: 

• The hydrolysis ratio, /i, controls the number of ligands able to form single, double 
or triple ol bridges (Figure 3.2). The hydrolysis ratio characterizes, in a first 
approximation, the functionality of the cation in the condensation process. 

• The geometry^ of the condensation polyhedron limits the mode of association 
because sharing corners, edges or faces involves increasingly short distances 
between cations (Figure 2.1). Edge sharing of octahedra is the most common 
geometry. Fftce sharing is rare. It does occur in some amino-hydroxo complexes of 
Co(lll) (Figure 3.2). However, these compounds do not form via hydrolysis, owing 
to the chemical inertia of Co^"^ (d^ low spin), but via oxidation of Co(II) complexes 
[6,7]. Face-sharing octahedra are more commnonly seen in the oxide corundum 
structures formed by trivalent elements. 

• Cyclization stabilizes the ^. 2 -OH corner bridge. This bridge is usually unstable 
and is found in a few polycations (for divalent and trivalent cations) such as 

and Au^"^ [ 8 ] (Figure 3.2). [Bi 6 (OH), 2 (OH 2 )^.] ^ ' is an interesting structure 
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[Zr4(OH)g(OH2)i2)6+ [M4(OH)6(NH3)i2]6-)'.[Ali304(OH)24(OH2)i7r+ 

M3+ = Cr, Co 



3 42 -OH bridges 




[Co2(OH)3(NH3)6|3+ 




(Co3(OH)6(NH3)6]3+ 




[M3(OH)5(OH2y'’+ [M3(OH)4(OH2 )x] 2+ [Pb60(0H)6(0H2)4]'*+ 

M2+=Sn, Pb M3+ = Sc. Y, La, Cg 

Figure 3.2 Several polycalions with various modes of connection between coordination 
polyhcclra 



57 



Olation: Polycations and Solid Phases 

(Figure 3.2), consisting of simple hydroxo bridges forming the edges of an octahedra 
of bismuth atoms. It appears that metal-metal interactions A) might 

play a role in the stabilization of this geometry [9]. Perhaps is it also the case 
for the Pb^"^ polycation, [Pb60(0H)6(0H2)4]'^'‘', where one distance is very short 
(<^pbi-pb2= 3.44 A, Figure 3.2) whereas the others vary from 3.67 to 4.09 A [10]. In 
the absence of such factors, the corner bridge is poorly stable and edge sharing 
is more frequent. For entropy and structural reasons, the formation of the double 
hydroxo bridge in discrete species is more likely than a chain condensation creating 
high molecular mass species. 



3.1.3 GROWTH 

The condensation of aquo-hydroxo cationic complexes [M(OH);'(OH2)/^_^/,]^^ 
h < z is always limited. It stops spontaneously when a finite degree of condensation 
is reached. The condensed species remain soluble as polycations, which are usually 
entities of molecular size. 

As the degree of condensation increases, accumulation of electric charges 6n the 
condensed species, as well as compositional changes due to dehydration, decrease 
the nucleophilic character of the hydroxo ligands. Both factors increase the average 
electronegativity of the polycation, which in turn, increases the charges 5(OH) and 
5(M) and the condensation stops as soon as condensation criteria are no longer met 
(Section 2.1b). Therefore, it makes sense that the degree of condensation would 
increase with the hydrolysis ratio of the complexes because the hydroxo ligands, 
which are more numerous in complexes of lower charge, maintain their nucleophilic 
activity until the late stages of condensation. 

For example, chromium(ill) hydrolyzed at = 1 forms the dimer [11] 

OH^ 

2[Cr(OH)OH2)s]^^ = [(H20)4Cr )cr(OH2)4]^^ + 2 H 2 O 

OH. 



For the ii — 1 monomer: x = 2.69, 5(Cr) = +0.64, 5(OH) = —0.02; for the dimer: 
X = 2.73, 5(Cr) = +0.66, 5(OH) +0.01. Subsequent condensation of the dimer 

cannot take place. 

The hydrolysis ratio /i = 1.33 corresponds to the presence of h = \ and h — 2 
forms. They undergo more extensive condensation [1 1]: 



2[Cr(OH)(OH2)5]^^ + [Cr(OH)2(OH2)4]^ 



R I /OHJ ^ 
HO^ I ^OH 



+ 4H2O 



For the h = 2 monomer: x = 2.60, ^(Cr) = +0.59, 5(OH) = —0. TO; for the trimer: 
X = 2.72, 5(Cr) = +0.66, ^(OH) = +0.01. Here again, condensation stops at this 
stage. 
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On the other hand, condensation of neutral complexes M(OH)2(OH2)^-z {h — z) 
is not limited* Colloids can form, i.e. solid fragments from a few tens or hundreds 
of angstroms to a few microns. The increase in average electronegativity in the 
growing species is due only to dehydration, and this increase is never sufficient 
to make the hydroxo ligands lose their nucleophilic character. As a result, a solid 
phase precipitates, usually a hydroxide M(OH)-. This phase may be unstable and 
may spontaneously dehydrate by internal oxolation to form oxyhydroxides MO(OH) 
or hydrated oxides M0-/2'^^H20 (Section 2.3). 

It must be stressed that the polycations are not usually the nuclei from which the 
solid forms. During the slow alkalinization of the solution, when the conditions are 
met for the formation of the hydroxide, the structure of the transient polycation(s) 
changes so that there is usually no structural relationship between polycations and 
solid. This is probably due to the lability of the polycations, which also causes great 
difficulty in understanding their chcinistiy and their structure. The most inert ones 
(chromium(III) trimer and aluminum polycations, such as [Ali304(0H)24(0H2)i2]^^ ) 
maintain their structure during charge cancellation by alkalinization, and they 
flocculate as disorganized solids. These condensed, aggregated entities in the 
metastable ‘amorphous’ phase [formed under kinetic control (see Section 2.3) 
during rapid precipitation] may reorganize during ageing, causing crystallization of 
the solid. 

During thermolysis of acid solution, the thermal effect and the acidity of the 
medium often allow direct synthesis of thermodynamically stable phases which may 
be different from those formed by neutralization. Frequently, these are oxyhydr- 
oxides or oxides. In some cases, their structure may be described in terms of a 
building block of similar topology to that of the polycations (Section 3.2.3). Under 
experimental conditions allowing control of nucleation kinetics, crystallization of 
the solid may correspond to an extension of the short range order of the polycation. 
This control usually involves control of the rate of generation of the precursor and 
control of the activation energy. In this case, it is tempting to consider that 
polycations are the structural templates for the nuclei. This may also be the case 
during ageing by dissolution-crystallization of some metastable phases. We shall 
now discuss a few examples. ; 



3.2 CONDENSATION OF TRIVALENT ELEMENTS 

The solution chemistry of trivalent elements is veiy complex because of the large 
number of polycations and solid phases they may form. It serves, however, as a 
good illustration of the previous considerations. 

In spite of the structural similarities between their oxides M2O3 and oxyhy- 
droxides MOOH [!2a,b], chromium, iron and aluminum exhibit very different 
behaviors in solution. 
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Chromium forms small polycations, usually kinetically stable [11,13], whereas 
iron polycations are very labile and form colloids very easily [14-17], Among 
these three elements, only aluminum is able to form the very peculiar ‘AIit’ 
polycation (Figure 3.2) [18-20], 

Isostructural solids are formed in very different conditions. Precipitation of 
chromium leads to strongly hydrated hydroxide gels Cr(OH) 3 (OH 2 )n [21-25], 
Aluminum also forms amorphous gels [26,27] and transfoims into various 
crystalline forms of Al(OH )3 (gibbsite, nordstrandite, bayerite) [28] or oxyhy- 
droxide 7 -AIOOH (boehmite), depending on the acidity. Diaspore, q-AIOOH, can 
be obtamed only by hydrothermal synthesis, and corundum, o;-Al 203 , is obtained 
by heating hydroxides or oxyhydroxides at high temperature after the formation 
of 'transition aluminas’. The hydroxide Fe(OH )3 does not exist. It dehydrates 
spontaneously, at any temperature, and forms in suspension, depending on acidity 
and temperature, a-FeOOH (goethite) isostructural with diaspore, or a-Fe 203 
(hematite) isostructural with corundum [17], 7 -FeOOH (lepidocrocite) isostructural 
with boehmite results from the oxidation of ferrous hydroxide in suspension [17,64], 
In the presence of chloride ions, /?-FeOOH (akaganeite) forms spontaneously. This 
phase does not exist with aluminum. 

Such differenees in behavior appear to be linked to the size and electronic 
configuration of the cations. 

The acidity in solution of these elements increases in the sequence Cr, Al, Fe, 
as shown by measurement of the pH at the onset of precipitation (Figure T3).’ 
Table 3.1 contains some characteristics of the ions. 

Hydroxylation of aquo cations as 

[M( 0 H 2 ) 6 ]'+ + H 2 O [M( 0 H)( 0 H 2 ) 5 ]'-^- + 
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Figure 3.3 Precipitation of Cr(III), Al(lII) and Fe(lll). From [29a] 



Tabic 3.1 Characteristics of a few trivalent elements 
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is fast in ali three cases {k ^ I0\s'‘) [30]. Hydrolysis is a simple acid-base 
reaction involving proton exchange between the solvent and the coordinated water 
molecules. Its activation energy is very small (see Section 1.4). 

The lability of coordination water is, on the other hand, very variable [2-4]. 
Exchange of the ligand by a dissociative nucleophilic substitution reaction requires 
an activation energy corresponding to the formation of a pentacoordinated inter- 
mediate compound (see Section 2.1) [4]. The rate constants for coordination water 
exchange are of the order of 10 1 and 10^ s ^ for Cr^"^ , and Fe“"^ 

respectively [4]. Chromium(Ill), whose d^ configuration is strongly stabilized 
in octahedral symmetry by the crystal field, is inert towards substitution reactions 
(see Section 3.1.1). For Fe(lll) of high-spiri d^ configuration in an oxygen environ- 
ment, the CFSF is zero for any symmetry. This explains the good lability of 
coordination water. Al^^^ (Table 3.1) is a smaller ion, and its coordinated water 
molecules are more polarized. The differences in the lability of coordination 
water for these three elements leads to large differences in the kinetics of olation 
reactions. 

3.2.1 OLIGOMERIC SPECIES: POLYCATIONS 

Although a study of the condensation of Cr(lll) in solution is complicated by the 
slow reaction rates, this chemical inertia is actually beneficial in the analysis and 
separation of the species formed. Several species are isolated on ion-exchange resin 
from solution hydrolyzed at h = HO"/Cr ^ 1 at a pH close to 4. These species are 
oligomers with the acidity constants shown in Table 3.2. 

The addition of a base causes the creation of a pH gradient, and several 
hydrolyzed species may coexist because of their poor reactivity. Although the 
structure of these species cantiot be resolved by diffraction because of the absence 
of crystals, a study of the solution indicates the most probable configurations. 

The formation of the dimer from the h = 1 precursor may be written as 

^OH 

2(Cr(OH)(OH2),]^^ [(ll20)4Cr )Cr(OH2)4]^'" + 2 H 2 O 

''OH 



Table 3.2 Acidity of chromium(lll) polycations [13] 
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e discussed earlier that this dimer is stable in solution since the bridginc OH 
poups do not exhibit nucleophilic character. The crystal structure of the dimer 
has beeri obtained via X-ray diffraction after dissolution of the hydroxide (see 
Section 3.2.3) in paratoluenesulfoiiie acid or in mesitylene-2-sulfonic acid [22] 
The early condensation stages of Cr(lll) proceed by the formation of binuclear 
outer sphere complexes involving the bidentate ligand [H3O2]- formed by an 
intramolecular hydrogen bond (Figure 3.4). Elimination of a water molecule forms 
the dimer m which polyhedra share comers. Elimination of a second water molecule 
leads to the di-^i-OH ion in which the polyhedra share edges [31 321 These 
ininsformations are associated with a color change: the precursor h = 0 and the 







[Cr2(OH)3(OH2)7j3+ 




[Cr4(OH)5(OH2)^ol^‘ 




h = HOVCr 



Figure 3.4 Cr(III) polycations in aqueous solution 
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hydrated binuclear dimer are green, whereas the di-/j-“hydroxo ion is blue [33]. 
The monorner-dirner equilibria' have been characterized thermodynamically [34]. 

The acidity of the [Cr2(OH)2(OH2)s]'^-^ dimer is stronger than that of the 
monomer (Table 3.2) because of an intramolecular, hydrogen bond beween two 
water molecules in cis configuration with respect to the equatoiial plane of the 
compound- This bond tends to stabilize the deprotonated form [Cr2(OH)3(OH2)7]^"'^ 
with the bridging ligand [H3O2]" (Figure 3.4). The same is true of the cis form 
[Cr2(OH)2(OH2)2(NH3)(5]'^ ^ , which is more acidic than the trans form and cannot 
form intramolecular hydrogen bonds [33]. 

The deprotonated dimer [Cr2(OH)3(OH2)7]^'' forms other polycations with an 
identical overall hydrolysis ratio because a decrease in its charge increases the 
nucleophilic character of hydroxo groups [x = 2.68, 5(OH) = -0.03]. It may react 
in several ways: with the h — 1 complex, the trimer [Cr3(OH)4(OH2)9]^ ^ forms, 
containing three /.i2~OH bridges and a central /j.3— OH bridge (Figure 3.4). This is 
the most inert chromium polycation [1 1,13,23,35]; it may also dimerize and form a 
planar tetramer [Cr4(OH)6(OH2)io]^ ' (structure II, Figure 3.4). 

The same planar tetramer can be formed from the trimer and an fi = 2 precursor 
via an intermediate form [Cr4(OH)6(OH2)i i]^ ’ (form I, Figure 3.4) [1 1]. Internal 
olation leads to the planar tetramer [Cr4(OH)6(OH2)io]'^'''- higher pH, deproton- 
ation of the bridge in form 1 leads by internal olation to the tetramer 

[Cr40(OH)5(OH2)iol*'’ ' (structure 111, Figure 3.4). Reaction kinetics has shown that 
interconversion between forms (11) and (111) depends on the acidity of the medium 
[36]. 

This structural analysis is confirmed by the fact that acidification of the tetramei 
leads to a monomer-tetramer mixture, in'espective of how it was formed. The 
tetramer synthesized by reaction of a ^*Cr-tagged monomer with a large excess of a 
non-tagged trimer (to prevent formation of the tetramer from the monomer alone) 
yields, after separation on an ion-exchange resin and degradation in an acid medium, 
a mixture of monomer and trimer both containing the same amount of Cr [\l]. 
This result allows the exclusion of other configurations that could not allow Cr 
exchange, such as 






OH. 



HO^ 1 /OH 
-Cr\ 

HO I 
/OH 
/CrC 






Similar polycations probably exist with A1 and Fe, but the trimer [Al3(OH)4 
(OH2)i2]^^ is the only one to have been observed using potentiometric titration 
[37]. ^H, '^O and ^^Al NMR have recently confirmed that the di-/72 hydroxo dimer 
is not formed in appreciable amounts by neutralization of acid solutions [19,20]. 
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A sulfate of the dimer does crystallize from sulfuric acid solutions [38], but 
^^Al NMR shows that, when crystals are dissolved in pure water, the monomer 
[Al(OH2)6l^‘^ and a trimer of unknown structure form, at the expense of the dimer 
[19]. Solution dilution leads directly and rapidly to the [Ali304(OH)24 (OH2)i2]^^ 
[19,20] polycation (see below). 

Iron polycations are not as well known as chromium or aluminum polycations 
because of the lability of ferric complexes. Only a few polycations (dimers, trimers) 
have been characterized in acidic solutions (pH < 1.5) [39]. [Fe2(OH)2]'^'‘' and 
[FC20]'*''' dimers are present in organic complexes such as L3(H20)Fe(OH)2- 
Fc(OH 2)L3 and L5FeOFeL5, where the L3 ligand is a tridentate picolinate and L5 a 
tridentate amine [16,40,41]. Other polydentate ligands, such as proteins, are able to 
stabilize many polynuclear iron complexes [42-45]. The existence of the aquo 
complexes [(H20)4Fe2(0H)2(0H2).i]‘''*' and [(H20)5Fe20(0H2)5]'‘ '’ is veiy probable 
in spite of the lack of structural data. 



3.2.2 LARGE POLYCATiONS 

The three elements behave quite ;differently near a hydrolysis ratio of 2.5. 
Chromium forms inert tetramers, whereas aluminum forms the unusual polycation 
[A1 i304(OH)24(OH2)i 2]^“^ having a Keggin-type structure. Twelve AlO^ octahedra 
divided into four trimer groups surround a central AIO4 tetrahedron [18,19] 
(Figure 3.5). At a similar hydrolysis level, iron forms colloidal species with a much 
higher degree of condensation (/i ^ 100) [16]. 

These differences in behavior may be ascribed to differences in the electronic 
configuration of the cations. One may assume that the three elements form, at least 
temporarily, the trimer [M3(OH)4(OH2)9]^'^ (M = Al, Fe, Cr). This trimer is seen in 
many systems since it is the most able to minimize electrostatic repulsions because 
of its geometry. It may act as an intermediate species for condensation at a later 
stage. In this entity, the oxygen atom in the ^3-OH bridge forms three bonds with 
cations and a fourth one with the proton (Figure 3.5). 

The small Al(lll) cation has a larger polarizing effect on the oxygen of the 
/j,3— OH bridge than on the oxygen from the ^2— OH, and therefore the OH 
bridge is more acidic (Figure 3.5). This causes dissociation of the bridge 

[46]: 

(Al3(OH)4(bH2)9l^'" + H 2 O . [Al 30 ( 0 H) 3 ( 0 H 2 ) 9 r+ + H 30 -' 

and makes the water molecules in cis (with respect to the /J-3--O bridge) more acidic 
than the molecules in trans. Formation of the [H302]“^ ligand (Figure 3.5) can also 
favor deprotonation of the aquo ligands in cis under moderate hydrolysis conditions 

(/i<2.6): 

[Al30(0H)3(0H2)9)‘''' + 30 H“ > [Al30(0H)3(02H3)3(0H2)3l^' + 3H2O 
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[AIi304(0H)24(0H2)i 2]^-' PPm 



Figure 3.5 Possible [‘oimalion mechanism of [Ali304(0H)24(0H2)i2]^’’ and MAS- 
NMR speclrum of (he suUale sail of ihe polycalion Ali 3 measured at 9.4 T, with spinning 
speed of 15 kHz.; ^spinning sidebands (J. Hernandez and J.P. Jolivel, unpublished results) 

The /./. 3-0 bridge of ihe trimer becomes able to act as a nucleophile towards a 
/i = 0 monomer but, because of steric effects, the central element cannot reach 
coordination 6 and A1 adopts a tetrahedral coordination. In the end, the following 
complex forms: 

[A1(0H2)6]^'*' + 4(Al30(0H)3(02H3)3(0H2)3l + 

. {Al[Al30(0H)3(02H3)3(0H2)3^l4}^‘*'-+ 6H2O 

The four trimers coordinated to the central aluminum atom may subsequently 
undergo intramolecular condensation by olation, with elimination of water 
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Figure 3.6 (a) ^^Al NMR spectra of AICI 3 solutions hydrolyzed at /( = 0.5. The peak at 

around 4 ppm is due to oligomers (di-, iri- or letramers). (b) ^^Al NMR spectra of a solution 
of AICI 3 (Imoir’) hydrolyzed at h=\ and diluted 10 limes rapidly with water. 
[Al(OH) 4 l“ at 80 ppm is used as a reference. From [19] with permission 



molecules in cis\ 

{AllAl 30 ( 0 H)J 0 Hp^ 4 p+ . [Al,304(0H)„(0H2),2f'- + I 2 H 2 O 

This last step ensures the stability of the cation. It is further favored by heating the 
h = 2.6 aluminum solution around 80 °C. Under such conditions, it is possible to 
probe the polycation by NMR [20]. Distortion of the AlOo octahedra is significant, 
as indicated by the very large peak on the MAS-NMR spectrum of the polycation at 
solid state (Figure 3.5). 

This .reaction mechanism is in agrement with *H, '^O and ^^Al NMR of 
moderately hydrolyzed solutions [19] (Figure 3.6), which indicate that only small 
oligomers, probably trirriers, condense directly without intermediates during the 
formation of AI 13 . 

This type of Mj 3 polycation is not observed with chromium or iron. The main 
reason seems to be the difficulty these ions have in adopting the tetral^edral 
coordination, even if the Fe(III) ion can be tetrahedrally coordinated in some 
complexes in solution and in solids such as spinels (see Section 5.6). In addition, 
when the d orbitals of the cation are partially occupied, the donor effect of the 
oxygen in the /i 3 -OH bridge of the trimer [M 3 (OH) 4 (OH 2 ) 9 ]^“^ is not as large as 
with aluminum. Hence, deprotonation of the bridge is probably more difficult. On 
the other hand, one may consider that the d orbitals of iron and chromium are more 
diffuse than the p orbitals of aluminum, allowing a better overlap with the orbitals 
of oxygen of the' ^'. 3 — OH bridge. Therefore, the acidity of the OH ligand is high and 
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Figure 3.7 (a) Sol (Fe^ ' 6.25 x IQ-^noI 1 ) after 1 year of ageing (pH -1.95), 
containing 20-40 A colloids and goctliile particles, (b) In a more concentrated medium 
(Fe^''6x lO^^moll-', pH - 1.50), the particles aggregate as tactoids. Reproduced by 
permission of Elsevier Science Ltd from [49] 



the nucleophilic character of the oxo ligand i.s very low. It is, however, difficult to 
compare the acidity of the //.3-OH bridge in different trimers because specific 
distortions for each cation may change the acidic properties. Consequently, reaction 
of the iron or chromium trimcr with tlie non-hydrolyz,ed precursor must lead 
preferentially to the tetramer (forms 11 or 111, Figure 3.4). 

Contrary to Cr(III) condensation in solution, the condensation of ferric ions at 
h < 2.5 is difficult to control because of their labile nature. Fast condensation 
proceeds until the formation of polymers or colloids (red sols made of ^ 30 A 
particles [16,39]). X-ray absorption (XANES, EXAFS) [47] indicates that Fe(lll) is 
always in 6-coordination. FcOg polyhedra share edges and corners via 0x0 and 
hydroxo bridges. The local environment around Fe is nonetheless similar to the one 
observed in goethite a-FeOOH and akaganeite /?-FeOOH (see below). The particles 
aggregate very slowly in solution, in an orderly fashion, and form tactoids that 
recrystallize as goethite (Figure 3.7) [38,47-49]. 

Stabilization of iron polycations requires strongly complexing and bulky ligands 
forcing a reduction in the reactivity and functionality of the cation [42-45]. Large 
oxo-hydroxo polycations can be stabilized by N-(2 hydroxyethyl)iminodiacetic 
acid N(CH2C00H)2(CH2CH20H), a tetradentate ligand that coordinates the cation 
with carboxylic groups, the alkoxy ligand and the nitrogen [50] (Figure 3.8). 

These are the largest iron polycations known to date, containing 17 and 19 metal 
cations. It should be noted that the core of the ferric clusters contains >3-OH 
bridges only, with a topology close to that of the tetramer involved temporarily in 
the formation of goethite (see below). 
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Figure 3.8 Structure of (a) [Fei7(/x3-0)4(/x3-0H)5(p2-0H)|(,(L)5(H20),2]^'*' and (b) 
[Fe,9(M3-0)6(M3-0H)6(M2-0H)8(L),(,(H20),2)+,whereL = N(CH2C00H)2(CH2CH20H). 
From [50] with permission 



3.2.3 SOLID PHASES: HYDROXIDES, OXYHYDROXIDES, OXIDES 

The formation of solid phases of trivalent elements occurs around h ^ 2.5. Above 
this value, the concentration in a zero-charge precursor is sufficiently’ high for 
nucleation to take place. Hydroxylation of the cation can occur via the addition 
of a base, thermohydrolysis (see Section 1.4) or hydrothermally (see Section 1.5). 
Most often, different processing techniques lead to different crystal structures and 
morphologies. Kinetic and/or thermodynamic factors, as well as the solvent, are 
likely to affect the behavior of complexes in solution and orient the reaction 
mechanism. 

(a) Hydroxylation via the Addition of a Base at Room Temperature 

Alkalinization of an aluminum nitrate solution around pH 6-7 with sodium 
hydroxide or ammonia causes the immediate formation of a translucent amorphous 
gel. This unstable gel crystallizes more or less rapidly and forms different crystalline 
phases depending on the acidity of the medium: at pH 6 or 7, it leads to the 
oxyhydroxide .7-AIOOH (boehmite), whereas at pH < 5 or pH ^ 8, AI(OH)3 
gibbsite or bayerite forms, respectively. The reaction path during transformation of 
the gel is related to changes in the solubility of aluminum with the pH of the 
medium (Figure 3.9). 

The amorphous gel formed immediately upon neutralization of acidic solutions 
[55] is a metastable and poorly defined phase. It is probably due to. aggregation of 
intermediate and inert species such as the AI13 polycation. During the evolution of 
the gel at room temperature, the NMR peak characteristic of Al(lH) in tetrahedral 
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Figure 3.9 Solubilily diagram of an amorphous aluminic gel (data obtained from [29b]) 

coordination disappears as crystallization lakes place [26]. This metastable nature is 
due to the amorphous structure of the solid particles; as the particles become 
crystalline, lattice energy is released and the free enthalpy of the system decreases. 
How the crystal structure develops is a function of the conditions of the system. 

At pH 6-7, i.e. at the solubility minimum of aluminum, matter transport through 
the solution is difficult and reorganization of Al^-type entities is more easily 
accomplished within the solid. The transformation involves partial dehydration and 
leads to 7-AIOOH boehmite, in which the oxygen lattice is f.e.c. and similar to that 
of AI13. Although boehmite is not the thermodynamically most stable phase at room 
temperature, it is probably kinetically stabilized because the system is constrained 
to evolve without heating and transforms on the lowest activation energy path. 

For pH <6, and pH >8, solubility of aluminum is appreciable. Gel trans- 
formation can occur via matter Iratisport in the solution, in a dissolution - 
crystallization process (see Section 2.3.4). Slowly generated soluble species in small 
concentration, probably monomers, feed the formation of Al(OH)3 which is more 
stable than boehmite at room temperature (AGf29SK ^KOH)3 = —546, 

7-A100H= -436). 

At pH > 8, the precursor of the hydroxide phase is probably the tetrahedral 
[AI(0H)3(H20)]^. Indeed, alkaline solutions contain mostly aluminate ions 
[A1(0H)4]^, as confirmed by ^'^Al NMR [56]. This complex ion is stable as a 
monomer. Througli acidification or reaction with water: 

_ [A1(0H)4]^ +Hi0' (H20) [AI(0H)3(0H2)|° + H20(H0-) 

it forms a zero-charge entity tliat may condense rapidly by addition. Addition and 
solvation cause an increase in the coordination of the Allo cations, which leads to 
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the formation of oligomers in which aP^ again in coordination 6; 

2[A1(0H)3(0H2)]° + 2 H 2 O [Al2(pH)g(OH2)4]° . 

We may then eonsider a reaction mechanism involving octahedral dimers 
[Al2(OH)(5(OH2)4]^ whose further condensation by olation leads simply and directly 
to the planes characteristic of the structure of the hydroxide (Figure 3.10). At 
pH < 6, the soluble species are octahedral, so that the dimer [Al2(OH)(5(OH2)4]^ 
may form directly to allow formation of the hydroxide from the gel along the same 
reaction path. 

Depending on the pH of the medium, aluminum hydroxide crystallizes as gibbsite 
or as bayerite. Both structures are based on the stacking of identical layers of edge- 
sharing A1 (OH)g octahedra (Figure 3.10). In gibbsite, the order of the stacking is of 
the ABBA type (oxygen atoms of two adjacent sheets are face-to-face), whereas in 
bayerite, stacking is of the ABAB type (oxygen atoms form a hexagonal close- 
packed structure) [28,12c]. Within the sheets, hydrogen bonds between OH groups 
maintain the cohesiveness. It is probable that, depending on the pH, the charge on 
OH groups on the surface of the sheets could be somewhat different, which would 
tend to modify their solvation. As a consequence, their interaction through the 
hydrogen bonds is modified, thereby favoring one structure or the other. Gibbsite 
appears to be slightly more stable than bayerite (enthalpies of formation A//^ 298 K 
are respectively —612.5 and -610.1 kJmor'). Contrary to what is expected, the 
Bayer process (using bauxites) produces gibbsite. In this process, cooled and 
neutralized alkali aluminate solutions are seeded with gibbsite, and the growth of 
this phase is due to a heterogeneous nucleation process. 

The addition of a base to a solution of ferric nitrate causes the formation of a 
gelatinous precipitate in acidic media (pH 2-2.5). We have previously discussed 
the fact that it is difficult to limit the condensation of ferric ions because of their 
high lability. Ferric gels are made of oxyhydroxides of various degrees of hydration 
(ferrihydrites). Several wide reflections observed by XRD are characteristic of 
planar sheets of edge-sharing octahedra [two-line or six-line ferrihydrite depending 
on the degree of ordering within and between layers, of approximate composition 
Fe4(0, OH, H20 )i 2 and Fe4 6(0, OH, H20)i2j [47,58-60]. Analysis of the gels 
using EXAFS [47] shows two Fe-0 distances at 1.92 and 2.08 A conesponding to 
the Fe-0 and Fe-OH bonds respectively. The local order around iron seems to be 
the same as in goethite a-FeOOH and akaganeite /?-FeOOH (See Chapter 5, Figure 
5.16). The amorphous nature of ferric gels and polymers is due only to the small 
size of the coherent diffraction domains. 

Ageing of ferric gels (femhydrites) in suspension at room temperature or heated 
at moderate temperatures leads mostly to hematite a-Fe203 at 5 pH ^ 10 
[39,60-62]. Outside of this pH range, and particularly during precipitation in an 
alkaline medium (pH > 10) [60], the suspensions mostly contain goethite a-FeOOH. 
Fenic hydroxide Fe(OH)3 does not exist as such in the precipitation products. This 
phase has only been identified in a very rare mineral, bernalite, found in the Broken 
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Figure 3.10 Possible reaction mechanisms for the formation of Al(OH )3 (gibbsite, 
bayerite) during evolution of the aluminic gel at pH < 5 and pH > 8. XRD of the solids 
precipitated at pH 10 and aged (a) at pH 4.5 for 1 month (gibbsite) and (b) at pH 10 for 1 week 
(bayerite) (J. Hernandez and J.R Jolivet, unpublished results) 
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Hill mine in Australia. Its structure is quite surprising for a hydroxide, since it is 
made of corner-sharing Fe(OH)6 octahedra. In this perovskite structure, some water 
molecules occupy a few large voids in the lattice [115]. Ferric gels evolve, following 
both types of mechanisms already described in the case of aluminum gels. 

The transformation of ferric gels into hematite occurs within the acidity range 
where the solubility of Fe(IIl) is minimum, and therefore the dissolution-recrystal- 
lization equilibria are not favored. Under these conditions, formation of the oxide 
sterns from dehydration of the gel and in situ structural reorganization. This 
mechanism was shown in EXAFS investigations of ferric gels precipitated at pH 6.5 
at i*oom temperatui'e and aged at 92 ""C [62], The electron density radial distribution 
functions around iron in the freshly made gel (Figure 3.1 1) show iron-iron distances 
characteristic of corner-sharing octahedra (3.45 A) and edge-sharing octahedra 
(3.05 A), which indicate short-range order. Up to 6h ageing time, hematite crystals 
are not observed by XRD, but a peak appears on the radial distribution functions, 
indicating Fe-Fe distances at 2.86 A characteristic of face-sharing octahedra. The 
intensity of the peak increases with time and hematite peaks appear on the XRD 
spectrum after 6h ageing time. Crystallization of ferric gels into hematite is 
therefore the result of a solid state process initiated by octahedra sharing faces, and 
is favored by aggregation and dehydration of the solid [63]. The acidity range in 
which iron solubility is minimum corresponds to the range in which the surface 
charge on the particles is the smallest and where aggregation and internal dehydr- 
ation of the solid are most favored (see Chapter 7). Dehydration is kinetically 
enhanced at higher temperatures and leads directly to the thermodynamically stable 
phase. Thermolysis of diluted ferric solutions (0.06 mol I"’), in the absence of 
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Figure 3.11 (a) Radial distribution function around Fe during crystallization of a ferric 

gel into hematite at 92 °C. The arrow indicates the appearance of the shoulder characteristic 
of Fe-Fe distances of 2.86 A. (Reproduced from [62] 1990 by permission of Elsevier 
Science Ltd The Boulevard, Langford Lane, Kidlington 0X5 1GB, UK (b) Structure of 
hematite a-Fe 203 
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previous precipilalion of ferric gel, causes ihe formation of hematite according to a 
process very similar to the one just discussed [ 61 ] (see the discussion below). 

Under acid conditions where, at room temperature, the solubility of Fe increases 
slightly, the ferric gel tends to form goethite. A dissolution-recystallization process 
seems to be involved. Under these conditions, nucleation of the solid phase takes 
place through condensation of zero-charge species formed in a process similar to 
the formation of polycations. Growth of the solid may be interpreted as taking place 
from the planar tetramer [M4(OH),2(OH2)4]^; this process indeed appears highly 
probable for Fe(Ill) (Section 3 . 2 . 2 ). Condensation of these species by olation can 
lead directly to embryos of double chains of octahedra, characteristic of the 
structure of goethite. The chains connect by.oxolation because of the relative 
kinetics of each reaction. Connection between the double chains occurs through 
/7-3“0 bridges and hydrogen bonds between the chains (Figure . 3 . 12 ). Growth of the 
chains may take place later in a dissolution-recrystallization process, resulting in 
particles of high anisotropy where the largest dimension corresponds to the 
direction of the chains. In a iriore acidic medium (pH ^ 4 ), processes of formation 




Figure 3.12 Possible formation mechanism of goethite a-FeOOH in solution, via ageing or 
Ihermohydrolysis 
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of goethite and hematite compete [ 60 ]. Although . the solubility of the ferric 
complexes increases, their charge is also much higher {[Fe(OH)(OH2)5)^ and 
[Fe(OH)2(.OH2)4)^'^ complexes}, and therefore the nucleation of goethite is more 
difhcult. In addition, the acidity facilitates oxolation within the solid ferrihydrite 
precursor (see Section 4 . 1 ). Under these conditions, the formation of hematite is 
favored by the kinetics. 

Chromium(Ill) differs from aluminum and iron in its exceptional chemical inertia. 
The fast addition of a base in a solution of Cr^~^ ions also causes the fonnation of a 
gel owing to cancellation of the charge on the aquo complexes or polycations. 
Various hydrated hydroxides are formed, and they are made of aggregates of species 
that previously existed in solution. 

The addition of a base to the monomer [Cr(OH2)6]^’' causes the precipitation 
of the grey-blue hydrated hydroxide Cr(OH)3(OH2)3, in which Cr(OH)3(OH2)3 
octahedra are connected by double [H302]“ bridges formed by hydrogen bonds 
between hydroxo and aquo ligands [ 21 , 25 ]. The solid contains planar hexagons 
similar to those observed in aluminum hydroxides Al(OH)3 (Figure 3 . 13 ). 

The formation of this, phase may be described from the monomeric precursors 
[M(0H)3(0H2)3]° or [M(02H3)3f in which the [H302]“ groups are chelating in 
nature: 
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The mode of coordination of the [H3O2] ligands may become bridging quite 
easily, after a simple change in the orientation of hydrogen bonds between the OH 




Figure 3.13 Planes of chromium hydroxide Cr(OH)3(OH2)3. [Cr(OH)3(OH2)3] octahedra 
are connected by the bridging ligand [H302]~ 
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and the OH 2 groups. The formation of chains and rings is therefore possible. Their 
size is controlled by steric factors imposed by the bridging ligands. The rings 
aggregate easily and form the embryos of the solid phase. 

The structure of polycation ic dimers and trimers (Figure 3.4) is preserved during 
neutralization in a pyridine buffer (pH ^ 6.9) because of their poor chemical 
reactivity. The hydroxides Cr 2 (/x— OH) 2 (OH) 4 (OH 2)4 • 2 H 2 O [22] (blue-green) and 
Cr 3 (/.A~OH) 4 (OH) 5 (OH 2)4 - 4 H 2 O [23] (light green) form, in which the dimers and 
trimers, respectively, are connected by the [H 302 ]~ ligand. 

The kinetic stability of these compounds towards dehydration is quite low. They 
usually transform spontaneously as early as 60 ""C or through ageing at room 
temperature into the green amorpiious phase characteristic of chromium gels [24], 
and later into oxyhydroxidcs CrOOH and into the more or less hydrated oxide 
Cr 203 [21,23,51-54]. Chromium hydroxide can also be obtained by acidification of 
strongly alkaline solutions of chromite [Cr(OH) 4 (OH 2 ) 2 ]~ [23]. From a thermo- 
dynamic point of view, the instability of hydroxides appears to be due to the positive 
charge on the water molecule (Table 2.1). 

In summary, hydroxylation of cations in solution by the addition of a base 
generates almost instantaneously a large amount of zero-charge entities, and 
therefore condensation is very fast. The speed of the process does not leave enough 
time for the crystal to form and the resulting solid is amorphous. Crystallization is 
not immediate because inert species can form very rapidly, causing flocculation 
when their charge is cancelled (AI 13 with aluminum and chromium complexes, 
for example). In fact, the species can be so labile that their condensation takes 
place in an anarchical manner without the formation of long-range crystalline order 
(ferrihydrites). The driving force behind the evolution of such poorly structured 
solids is the formation of a more thermodynamically stable crystalline phase because 
of the enthalpy gain as.sociated with the release of lattice energy. Depending on 
acidity (i.e. solubility) conditions, the transformation of a metastable phase may 
involve one of the following mechanisms: dehydration-structuring in, situ or 
dissolution-crystallization. In the latter scenario, the difference in thermodynamic 
stability between the solid phases and the differences in their solubilities create a 
continuous flux of matter at very low concentrations through the solution, which 
allows tlie slow transformation of the entire amount of initial material (gel or 
gelatinous precipitate) into an organized phase. 

(b) Thermo hydrolysis 

Hexa-aquo complexes of trivalent elements are stable in an acidic medium at room 
temperature. Hydroxylation of these complexes by water may, however, take place 
by heat treatment (see Section 1.4). Heating of an acid solution of Al(III) ions to 
about 80-1 00 °C causes the formation of boehmite 7 -AIOOH [67,68]. In similar 
conditions, Fe(IIl) forms hematite. Thermolysis of acid solutions of chromium 
causes the formation of oxyhydroxides of poorly defined structure, as well as 
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Figure 3.14 Possible forms of the tetramer for M(III) elements 



the hydrated oxide 01703 [54]. Hydrothermal techniques also allow the synthesis 
of other oxyhydroxides such as a-AlOOH diaspore isostructural with goethite, 
a-CrOOH brucite [69],, /6-CrOOH isostructural with InOOH [70] and a variety 
named ‘ 7 -CrOOH’ although it is amorphous by XRD [71]. 

During the thermolysis process, deprotonation is slow. Species in solution 
may therefore condense during slow hydroxylation, forming intermediate species 
of similar stuicture to polycations. These entities may aggregate and condense 
to form a crystallized solid, as in the case of the dissolution-crystallization process. 

It is reasonable to assume that boehmite may form by thermolysis of aluminum 
solutions, starting from [Al 40 (OH)io(OH 2 ) 5 ]^ or [Al 4 (OH)i 2 (OH 2 ) 4 ]^ tetramers. 
These are good structural models for the oxyhydroxide nuclei and they may be 
considered in a first approximation as the building blocks of the solid phase. 

During studies of the early stages of condensation of trivalent elements, it was 
observed that two forms of tetramer may result from an octahedron fixed on the 
compact [M 3 ( 0 H) 4 ( 0 H 2 ) 9 ]^'*’ flipping in one direction or another (Figure 3.14). The 
tetramer with a /i 4 — O bridge (form III) appears favored in the case of aluminum 
because of the nucleophilic character of the /X 3 -OH bridge (see Section 3.2.2): 
Condensation of [Al 40 (OH)io(OH 2 ) 5 ]” by olation and oxolation could lead directly 
to the formation of corrugated sheets of AIO(OH) containing fM—0 and /i 2 ~ OH 
bridges. These sheets are characteristic of the 7 -AIOOH phase and are linked by 
hydrogen bonds between the hydroxo groups on adjacent sheets (Figure 3.15). 
Another reaction mechanism could involve the formation of boehmite from the 
planar tetrameric precursor rapidly forming double chains of octahedra, in a process 
similar to the formation of goethite (Figure 3.12). Connections between these 
chains could take place by oxolation between the /i 3 — OH of one chain and the 
terminal ligands of This seems rather unlikely because the growth of 

‘fibrillar’ boehmite particles is preSferential along their c axis perpendicular to the 
corrugated planes of the lattice, rather that in the direction of the chains. Diaspore, 
isostructural with goethite, forms only under hydrothermal conditions [around 
400 '’C, 6 kbar, conditions in which the physicochemical properties of water are 
very different from the standard conditions (see Section 1.5), and' can affect 
drastically the structure and acidity of the oligomers]. Therefore, the formation of 
double chains of octahedra from the planar precursor [Al 4 (OH)i 2 (OH 2 ) 4 ]^ appears 
difficult. 




76 



Metal Oxide Chemistry and Synthesis 




Figure 3.15 Possible rormiUioii mechanism of boehmite 7 -AIOOH by ihermolysis 



In the cases of chromium and iron, we have discussed the fact (see Section 3.2.2) 
that the planar configuration of the tetramer (form II, Figure 3.14) is strongly 
favored. However, the strong lability of the ferric species probably forces a very 
rapid condensation, even if the formation of hydroxylated species is slow. During 
the first hours of thermolysis at lOO^C, at a pH close to 2, the six-line ferrihydrite 
is obtained as small particles a few tens of angstroms in diameter. The particles 
aggregate to form, after a few hours, much larger monocrystalline particles 
of hematite. The size of the hematite particles decreases when the pH of the 
thermolyzed solution increases from 2 to about 4. This would suggest that the 
formation of hematite from ferrihydrite takes place by in situ recrystallization of 
the aggregates and by dissolution-crystallization, the latter process being favored 
at low pH when the solubility of Fe is higher. Under these conditions, goethite does 
not form as it docs at room temperature (Figure 3.12). An increase in temperature 
probably increa.ses the reactivity of the ferric tetramer and the tendency towards 
oxolation (which is already high at room temperature) and leads to the formation 
of the most thermodynamically stable phase. The situation is somewhat different 
in the case of chromiun(lll). The planar precursor [Cr 4 (OH)i 2 (OH 2 ) 4 ]^ is able to 
condense by olation and oxolation, as in the case of goethite. However, because of 
the low lability of coordinated water, both reactions become kinetically competitive 
and, instead of forming chains by rapid olation as in the case of goethite at room 
temperature, the simultaneous reactions lead to the formation of sheets eontaining 
//. 3 —OH and /X 3“0 bridges characteristic of the a-CrOOH phase (Figure 3.16). The 
sheets are connected by hydrogen bonds and form structures similar to that of Cdl 2 . 
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Figure 3.16 Possible reaction mechanism for the formation of chromium oxyhydroxide 
a-CrOOH and hydroxides M(OH )2 of brucite structure 





It is clear that, in spite of a few analogies, Al(IlI), Fe(III) and Cr(III) each have 
their own behavior in solution. The spontaneous tendency of the hydroxylated form 
of iron to undergo rapid dehydration probably explains the poor solubility in an 
alkaline medium. With aluminum or chromium, for which oxolation is less likely, 
hydroxo bridges are relatively stable with respect to dehydration in the hydroxides. 
However, they are easily dissolved in an alkaline medium because free hydroxyls 
are better nucleophiles than hydroxo bridges in the solid. However, iron and 
aluminum oxides are poorly soluble in an alkaline medium because 0 x 0 bridges are 
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much more stable than hydroxo bridges. In addition, because of its small size, 
aluminum can easily acquire a coordination of 4 that can be further stabilized by tt 
interactions with the hydroxo ligands. Therefore, aluminum can dissolve as the 
anionic monomer [AI(OH)4]‘ or, in a concentrated and vei7 strongly alkaline 
medium, as the polyanion [AU(OH)i6]"^^ [65]. The treatment of bauxites and the 
separation of both elements in the Bayer process are based on this difference in 
behavior between aluminum and iron [66]. In the mineral, which owes its red color 
to tlie presence of hematite, aluminum is present as boehmite 7-AIOOH (French 
bauxites) or gibbsite Al(OH)3 (American or African, bauxites). After treatment in a 
strongly alkaline medium at about 200-250 ""C, aluminum is dissolved, separated 
from iron oxide, recrystallized as hydroxide and calcined to obtain alumina AI2O3. 



3.3 CONDENSATION OF DIVALENT ELEMENTS 

3.3.1 POLYCATIONS 

For a similar hydrolysis ratio, polycations formed by divalent ions must attain a 
higher degree of condensation than those formed by trivalent ions, owing to the 
smaller formal charge of the cation and the higher nucleophilic character of the 
hydroxo ligands. For a hydrolysis ratio /i = I, the olation reaction for divalent 
elements usually goes beyond the stage of the [M2(OH)2(OH2)g]^'*' dimer [30]. The 
partial charge on the //.2-OH bridge is negative in this dimer, whereas it is positive 
in those of trivalent elements forming stable dimers (Table 3.3). Condensation 
must therefore proceed, and the easiest route is an olation reaction converting all 
/r2-OH bridges into /i3-OH bridges (Figure 3.17). Very eompact polycations 
[M4(OH)4(OH2)n]'^^ [n =4, Pb(ll), or 12, Ni(II)] are produced, in which 
bridges are located above the faces of the tetrahedron formed by the metal cations. 

Such polycations exist with Pb(ll) (XRD) [72] and Ni(ll) (measurements of 
reaction kinetics) [73]. In spite of a lack of structural data, similar species are also 
assumed to exist for Co(Il), Cd(ll) and Mg(ll) [30]. 

The compactness of the tetramers may cause magnetic coupling of the cations 
(Ni, Co) or metal -metal interactions (Pb). These interactions are favored by the 
fact that aquo and hydroxo ligands are located outside the metallic cluster. The 



Table 3.3 Partial charge on the //^-OH bridge in dimers of divalent and 
trivalent elements 
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Figure 3.17 Tetrameric polycations formed by [M 2 (OH) 2 (OH 2 ) 8 ]^'‘‘ dimers 



coordination number of the cation can vary from 6 (Ni, Co) to 4 (Pb) via elimination 
of water molecules, without affecting the geometry. 

Little data are available on the hydrolysis of elements like Pd^"*" and Pt^"* [30]. 
These d^ elements, usually larger than Ni^'^, are usually subject to a strong crystal 
field and adopt the square-planar coordination [74]. 

Cu(II) forms linear polycations rather than compact tetramers [75]. Owing to the 
Jahn-Teller effect typical of a d^ ion in an octahedral held, the decrease in the 
symmetry of the coordination polyhedron (O/, — > C4^;) is due to the lengthening 
of two Cu bonds in trans (from 1.94 to 2.38 A) [76]. These two water molecules 
are therefore less acidic than the others, so that hydrolysis and condensation must 
involve the ligands located in the equatorial plane of the coordination polyhedron 
(Figure 3.18). The [Cu2(OH)(OH2)io]^'^ dimer (corner-sharing) which probably 
exists for pH < 3 [77] forms linear polycations (Cu,/OH)2„_2(OH2)2;,.|.4l^^ 
edge bridges [75,78], at higher pH. 

3.3.2 SOLID PHASES. 

Neutralization of divalent elements around h = 2 leads to the rapid formation of 
stable hydroxides M(OH)2 (Table 2.1) which usually exhibit the lamellar brucite 
structure (Cdl2 structure) with /X3-OH bridges on both sides of the cationic sheets 
[12d] (Figure 3.16). 

There is no structural relationship between the compact tetramers of Figure 3.17 
and the hydroxide. The nuclei of the solid phase could be planar tetramers 
[M4(OH)g(OH2)s]^ formed by olation between neutral species [M(OH)2(OH2)4]°- 
Zero-charge dimers similar to those involved in the formation of compact tetramers 
can create /A3-OH bridges as they are forming the planar tetramer. The growth of 
nuclei, -always by olation, must take place rapidly in the plane and lead to the 
layered brucite-type structure seen in many hydroxides of divalent elements. 

Copper hydroxide Cu(OH)2 exhibits a different structure, isotypical of boehmite 
7-AIOOH. Its formation may be explained by the addition of zero-charge chains 
[Cu(OH) 2(OH2)2]J! coming from the neutralization of linear polycations (Figure 
3.18). Therefore, /.A4-OH bridges form in the hydroxide [79]. These bridges where 
oxygen is pentacoordinated are obviously unstable towards oxolation. This is why 




80 Metal Oxide Chemistry and Synthesis 



[Cu(OH)2(OH2)4]0 




Figure 3.18 (a) Possible rcaclion mechanism of Ihe formation of copper hydroxide 

Cti(OH )2 isostmctural to boehmite. In CuOc, octahedra highly distorted by the Jahn-Teller 
effect, there arc four Cii~OH bonds of 1.94 A and two of 2.63 A. (b) Structure of CuO 
tenorite and of PdO and PtO 

the blue hydroxide Iran forms into black CuO tenorite after moderate heating or at 
liigh pH [80]. Its structure is made of chains in which copper is in square-planar 
coordination and surrounded by /m— O bridges [12ej. Pd^“^ and Pt^“^ exhibit a 
similar behavior, i.e. their hydroxides are unstable. PdO and PtO have higher 
symmetry than CuO (Figure 3.18) [12ej. Hydroxides with the brucite structure are 
stable even in a strongly basic medium. They form MO oxides (NaCl structure) 
above 300 X [81]. 

3.4 CONDENSATION OF TETRAVALENT ELEMENTS 

Tetravaient elements are soluble only within naiTOw acidity ranges, which causes 
their chemistry to be complicated and poorly known. These elements belong to two 
families of very distinct electronegativities, the d-block and the p-block, which have 
very different characteristics (Table 3.4). 
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Table 3.4 Characteristics of a few tetravaient elements 
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The weakly electronegative d^ elements are soluble only in a strongly acidic 
medium, where they undergo spontaneous hydrolysis. They exist as monomeric or 
aquo-hydroxo condensed cations. The high electronegativity of p-block elements 
allows their solubility only in a strongly alkaline medium, as anions or oxo or oxo- 
hydroxo polyanions [29,30]. This .difference in behavior, which is due to the 
large electronegativity difference, is clearly seen in the charge-pH and charge- 
electronegativity diagrams (Figures 1.1 and 2.5). 

The median position of the elements on the scale of formal charges on the 
charge-pH diagram allows their coordination by two of the three aquo, hydroxo or 
0X0 ligand types. The hydroxo ligand is predominant in the coordination sphere 
over a wide pH range, and these elements have a strong propensity to precipitate. 
The charge-electronegativity diagram (Figure 2.3) predicts the formation of oxides 
(Ti, Zr, Hf, Ce, Th) and polyanions (Si, Ge, Sn, Pb). The hydroxides M(OH )4 are 
usually unstable. They spontaneously dehydrate to form hydrated oxides MO^ - nH20 
which are frequently polymorphous. 

The behavior of these elements is illustrated by the difference between titanium 
and zirconium, and titanium and tin. The latter does exist in an alkaline medium as 
stannates and, as with silicates,, condenses mostly by oxolation. These elements are 
studied in Chapter 4. 

3.4.1 POLYCATIONS 

Because of their high fomial charge, tetravaient cations undergo spontaneous 
hydrolysis even in a strongly acidic medium [30]. Ti(IV) exists at pH = 0 as 
[Ti(OH)(OH 2 ) 5 ]^'^. The positive charge on the OH ligand {6 — +0.06) does not 
allow condensation, and therefore this acidic ion is in equilibrium with the 
[Ti(OH) 2 (OH 2 ) 4 ]^”'' complex. This species, in which hydroxo ligands carry a small 
negative charge {d = —0.01), appears to remain monomeric in solution [82,83], in 
equilibrium with the titanyl ion [TiO(OH 2 ) 5 ]^'^ formed via intramolecular oxolation 
^ (see Section 1.3). To the author's knowledge, however, there is no experimental 
evidence proving the existence of this ion in a non-complexing medium. In media 
of lower acidity, [Ti(OH) 3 (OH 2 ) 3 ]'^ probably, condenses, but very little data are 
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available conceniing llie condensalion of tkamum(IV) in splulion, other than 
studies of [TisOs(OH)i 2 (OH 2 )Al‘*'*'. an octamer of unknown structure [84,85]. 

Zr(IV) is larger than Ti(lV) and its coordination number is higher. In solution it 
acquires the squarc-antiprismatic 8-coordination. Zirconium is consequently less 
acidic than titanium. [Zr(OH 2 )a]‘' '‘ (pK « -0-3) i.s nonetheless a strong acid that 
hydrolyzes spontaneously in water to form [Zr(OH)(OH2)7l^‘''. In this complex, the 
charge on the hydroxo ligand is almost zero (5(OH) = —0.007). The complex is 
acid and forms the dihydroxo complex [Zr(OH) 2 (OH 2 ) 6 ]^'''> which condenses by 
olation [6(OH) = -0.007] and forms, in the absence of complexing ions, a cyclical 
tetramer with double hydroxo bridges: 



Olation: Polycations and Solid Phases 83 




4lZr(OH)2(OH2)6|" lZr4(OH)8(OH2),6|'^ + 8 H 2 O 

This tetramer is stable in solution. It has been characterized using various 
techniques, in .solution [86-88] and in the solid state [89,90]. Zirconium maintains 
its antiprismatic coordination number 8 (Figure 3.22). The geometry and the high 
coordination number of Zr'*'' ions do not allow formation of compact oligomers as 
in the case of trivalcnt and divalent elements. This is probably why the polycation 
forms rings and limits its condensation. 

3.4.2 SOLID PHASES 

Tetravalent ions arc too polarizing to form stable M(OH )4 hydroxides. Spontaneous 
dehydration via oxolation leads to the oxide MO 2 (Table 3.1) 

M(0H)4M0(0H)2(0H2) » M0(0H)2 -f H 2 O » MO 2 -f 2 H 2 O 

There are several crystal structures for Ti02: rutile is thermodynamically stable, 
whereas anatase is metaslable. In these phases, oxygen lattices are hexagonal elose- 
packed and face-centcred cubic respectively. TiOg octahedra share edges and 
corners in rutile, but only share edges in anatase (Figure 3.20). The anatase-rutile 
transition takes place between 400 and 1200 °C. It is strongly influenced by the 
type of anions in the precipitation medium (Chapter 5). There are other polymorphs 
of Ti02.: brookite is formed under hydrothermal conditions [91], and Ti02 B is 
obtained by heating Ti 407 ( 0 H )2 around 500 °C (itself obtained from K 2 Ti 409 in an 
acidic medium [92]). The.se phases will not be studied here. 

In a poorly complexing or non-complexing medium, depending on the precipita- 
tion conditions (chlorohydric or nitric acid), titanium forms Ti 02 rutile in a highly 
acidic medium and at high temperatures. The anatase form is obtained for lower 
acid and temperature conditions (Figure 3.19) [93-95]. 

The behavior of titanium may be explained by taking into account that the first 
stage of condensation (by olation) of the zero-charge precursor [Ti(OH) 4 (OH 2 ) 2 ] is 
the formation of the dimer [Ti 2 (OH)s(OH 2 ) 2 ]° in which both octahedra share an 
edge (double hydroxo bridge). The growth of this embryo by olation with monomers 



Figure 3.19 Precipiialion of T 1 O 2 auile R and anatase A as a function of medium acidity 
and temperature (a) With HCl; (b) with HNO 3 . From [93] 

may lead to nuclei of various geometries, for example straight or curved small 
chains (Figure 3.20). 

Subsequent condensation of these embryos by oxolation is likely to trigger 
crystallization of rutile or anatase respectively. Given the respective possible posi- 
tions of water molecules in the dimer, the probability that the growth of the embryo 
would take place through edge sharing in the same plane to form straight small 
chains is much smaller than the probability of edge sharing in different planes, 
leading to curved or bent chains. Therefore, crystallization of anatase appears far 
more likely than that of rutile, under any experimental conditions. However, since 
rutile is the thermodynamically stable phase, its formation probably takes place 
through a dissolution-crystallization mechahism (Ostwald ripening) at the expense 
of anatase. Strongly acidic media and high temperatures favor these equilibria 
(Figure 3.19). Indeed, anatase crystallizes as small particles at low temperature in a 
low acidity medium, where the solid is the least soluble. In a more acidic medium, 
it is probable that anatase would form first, but the higher solubility of the oxide 
promotes the dissolution-crystallization equilibria which then allows growth of 
rutile. The considerable increase in particle size with time during thermohydrolysis 
shows clearly that this mechanism does take place [94] (Figure 3.21). In addition, 

, hydrolysis of TiCU in vapor phase always exclusively forms anatase [95]. In these 
conditions, the absence of solvent does not allow a transition to the rutile phase. 

; The formation of anatase in solution appears to be linked to kinetic (rate of 

X / precipitation) and thermodynamic (solubility) considerations. Other tetravalent 
I elements that also adopt 6-coordination (V, Sn, Pb) only form the rutile variety 

f of their oxides [I2f]. The precipitation of Sn02 (cassiterite) probably involves a 

! precursor similar to that of titanium, Sn(OH) 4 (OH 2 ) 2 , during hydrolysis of SnCU 

[ [96,97] or acidification of stannate [Sn(OH)6]^^ [98] (see Section 4.3.1). It is 

possible that kinetics (lability) and thermodynamics (solubility) could favor the fast 
redissolution-crystallization equilibria, which do not allow an intermediate anatase 
phase to form prior to crystallization of cassiterite. 
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Oxolation 



Analase Rutile 

Figure 3.20 Possible fomialion mechanisms of T 1 O 2 rutile and analase from aqueous 
solutions 





Zirconium(IV), because of its large size and coordination number, never forms 
rutile but forms a gelatinous precipitate of the oxyhydroxide Zr 02 -;t(OH) 2 ^,. ■ yH 20 . 
X-ray and neutron diffractions suggest that this amoiphous phase has a two- 
dimensional structure [99]. Crystallization around 400 °C forms the metastable 
tetragonal Zr02 phase (Figure 3.22). 

Around pH 4-5, the amorphous solid could be the product of flocculation or of 
rapid condensation by olation of the neutralized tetrarner [Zr 4 (OH)if,(OH 2 )g] : 

nZr,(OH)„(OH2)s > [Z.4(OH),6]„ + 8nH20 

The unstable solid phase dehydrates slowly (slow oxolation). 
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Prolonged redux of solutions around pH 2.5 leads, after about 20 h, to sols of 
monoclinic ZrO?. (distorted duorite structure) [100,101]. It does not appear that 
the tetramer [Zr4(OH) i6(OH2)8]° is involved in the reaction. Indeed, the geometry 
of the coordination polyhedron of zirconium is not the same in the tetramer _ 
(antiprismatic, 8-coordination) and in monoclinic zirconium (7-coordination, Figure 
3.22). In addition, acidification of the medium by thermohydrolysis (the pH 
decreases from 2.5 to 0.4 after 40 h redux) [100] probably destroys the tetramer, 
and it is likely that the growth of the solid takes place via a mechanism of acidic 
oxolation between monomers (see Chapter 4). 

Amorphous zirconia boiled in a strongly basic medium forms cubic zirconia 
[100]. It is stable up to 650 ^C. As for monoclinic zirconia, it does not appear that 
the tetramer is involved in its formation. 



3.5 MIXED-VALENCE SYSTEMS 

The coprecipitation of different' cations leads, in most cases, to segregation into 
separate phases (sec Chapter 5). If the cations are chemically identical but exhibit 
various degrees of oxidation, this is not necessarily the case and mixed-valence 
crystalline phases may be obtained. These phases are usually not formed by one 
type of cation alone. The Fe(IIl)-Fe(II) pair is a typical example. 

We have seen above (Section 3.2) that precipitation of ferric ions in solution 
forms an oxyhydroxide that turns into goethite (a-FeOOH) or hematite (a-Fc203) 
through very different reaction mechanisms. In the presence of ferrous ions, ferric 
ions form a spinel oxide over a wide range of compositions. Alkalinization at 
pH > 9 of a Fe(Il)/Fe(lll) = 0.5 mixture forms stoichiometric magnetite Fc304 
[102-104]. Small quantities of ferrous ions [Fe(lI)/Fe(III) > 0. 1] lead to a similar 
structure but containing vacancies [105,106]. 

Fe304 magnetite crystallizes in an inverse spinel structure where all ferrous ions 
and half of the ferric ions occupy half the octahedral sites of the f.c.c. oxygen 
lattice. The other half of the ferric ions occupy I /8th of the tetrahedral sites [12g]. 
The unit cell may be written [Fe^+],^j^jFe^ '- Fe^+]^^^04. The spinel lattice can 
accommodate large non-stoichiometries, from Fc304 to 7— Fe203 (maghemite). The 
latter may also be written [Fe^' ]^^,^jFe^+ L|/3]„^j,04 (where L represents cation 
vacancies in the octahedral sublattice). The octahedral sublattice is subject to 
electron delocalization between Fe(ll) and Fe(lll) [107-109]. At room temperature, 
Mossbauer spectroscopy lias shown octahedral cations with a +2.5 charge. The fast 
electronic exchange between Fe(IIl) and Fe(ll) in the solid seems to be responsible 
for the spinel crystallization. 

The crystallization of magnetite during precipitation of a stoichiometric mixture 
of Fe(III) and Fe(ll) is too rapid to allow an analysis of the mechanism (Figure 
3.23e). Crystallization is slower for substoichiometric mixtures. 
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Figure 3.23 Micrographs and electron diffraction paiterns of suspensions x ~ Fe(II)/ 
Fe(III) for various reaction times (a) x = 0, / = 5 min (feme ferrihydrite); (b) x = 0.15, 
t = 1 min; (c) Mossbauer -spectra at various temperatures for x = 0.15 and t = 1 min; (d) 
X = 0.15, / = 5 min, f = 15 min, / = 24 h; (e) x = 0.5, t = I min. Reprinted with permission 
from [106]. Copyright 1992 American Chemical Society 

The Fe(II)/Fe(III) = 0. 15 mixture initially forms particles about 25-30 A in 
diameter, very similar to the particles observed in the ferric gel or the ferrihydrite 
(Section 3.2.3, Figure 3.23a). The wide diffraction rings (Figure 3.23b) suggest a 
local two-dimensional organization of the anions and some correlation between the 
layers. At low temperatures, between 80 and 105 K, the Mossbauer spectra exhibits 
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two components due to Fe(III) and Fe(II) ions. Above 105 K, the Fe(ll) contribution 
disappears and a valence 2.5 contribution appears (Figure 3.23c). The relative area 
of this component is double that of Fe(ll) below 105 K, indicating that all ferrous 
ions in the solid are involved in the electron exchange before a long-range spinel 
lattice forms [106]. Crystallization occurs during room-temperature ageing of the 
non-stoichiometric material. The presence of Fe(II) appears necessary for the 
formation of the spinel structure, which also seems stabilized by the electron 
delocalization. Other divalent ions (Mn, Zn, Cu, Ni, Co) that do not cause electron 
delocalization may also form the spinel lattice, but they usually require large 
concentrations and higher processing temperatures [111-113]. 

Ageing of a suspension of the solid Fe(II)/Fe(III) = 0. 15 causes the formation of 
two distinct families of particles [105]. The first type are Fe(II)-deficient [Fe(II)y 
Fe(lll) 0.07] and preserve their original size. The other type grow to 1000-1500 A 
after about 24 h (Figure 3.23d) and are richer in.Fe(II) [Fe(II)/Fe(IlI) ^ 0.33]. 
These large particles are formed via a process of dissolution-crystallization, and 
their composition indicates that mixed Fe(III)-Fe(II) complexes, with Fe(II)/ 
Fe(lll) = 0.3, are involved in their growth. For Fe(II)/Fe(IIl) < 0.3, both types of 
particle coexist in various proportions because Fe(II) is immediately extracted 
from the solid via the dissolution-crystallization equilibria that feed the large 
particles. 

The driving force behind crystallization appears to be the formation of mixed 
ferric- ferrous entities rich in Fe(II), which ensure the stability of the structure. The 
crystallization of small particles poor in Fe(II) is the result of in situ dehydration 
and local structural reorganization without change in particle size. This type of 
transformation requires a minimum Fe(II) content because, if Fe(II)/Fe(III) is 
smaller than O.I in the entire mixture, small 30 A particles form temporarily but 
transform into goethite after a few weeks [105]. When Fe(II)/Fe(III) reaches 0.3, all 
the Fe(III) may now be involved in the processes of redissolution. The particles 
grow but they remain homogeneous in size and composition. 

The development of the inverse spinel structure of magnetite can be described as 
starting with tetramers such as [Fe4(OH) io(OH2)o]^, for example. They are feme- 
ferrous compounds formed by the dissolution equilibria in the initial material 
(Figure 3.24). In such a very compact tetramer containing only ^3— OH, the electron 
delocalization is optimized. The Fe(II)-Fe(III) electron transfer is allowed by the 
overlap of d orbitals, which requires short metal-metal distances [110]. This entity 
may be a model of the nuclei of the solid. Condensation by olation forms chains and 
planes rather rapidly, and the connection between planes can be made by any excess 
octahedral ferric ions Fe(OH)3(OH2)3. They act as hinges, forming Fe-O-Fe 
bridges by oxolation (Figure 3.24). This imposes steric constraints on Fe(III) ions. 
Since there is no crystal field stabilization energy, they can easily switch to a 
coordination number 4 characteristic of the inverse spinel structure. This process is 
somewhat similar to the one involved in the formation of the Al^ polycations (see 
Section 3.2.2). 
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Figure 3.24 Possible reaction mechanism for the formation of the spinel lattice of Fe304 
magnetite from a solution of ferric and feiTous ions 

The Fe(Il)-Fe(III) electron transfers, which allow the formation of iron oxide 
spinel, also play a role in the crystallization of the ferric gel adsorbed on the surface 
of colloidal particles of magnetite [114] (see Chapter 9). The electron mobility 
in the magnetite lattice is also responsible for the transformation to 7~Fe203 
maghemite (see Chapter 9). 

Ferrous ions act as dehydrating and structuring agents for ferric ions. Indeed, 
dehydration of ferrous hydroxide is not spontaneous. Dehydration of ferric gels 
is slow. The electron delocalization occurring during the association of both 
types of cation alters their behavior and allows the stabilization of a particular 
structure. 

The formation of solid phases and the behavior of some elements may thus be 
inteqiireted directly from the analysis of phenomena in solution.. In, Chapter 5,- we 
shall see that modification of the nature of the coordination sphere of the precursor 
by complexing in solution can greatly influence reactivity and allows control of the 



90 Meta! Oxide Chemistry and Synthesis 

formation of other crystalline phases or modification of the morphology of the 
particles. 
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Oxolation: Polyanions and Solid 

Phases 

Oxolation is the process of creation of oxo bridges between cations that do not have 
aquo ligands in their coordination sphere [1]. Therefore, this reaction occurs only 
with elements of high formal charge {z > 4), which exist in a dilute alkaline or 
neutral medium as oxo anions or oxo-hydroxo monomers [Si(lV), Cr(VI)] (see 
Section 1.1, charge-pH diagram). 

Some of these elements (Section 2.2, Figure 2.5), such as Sn(IV) and Sb(V), exist 
as monomeric hydroxo forms in an alkaline medium {[Sn(OH)6]^~, [SbCOH)^]”} 
[2]. After acidification, the aquo ligand appears in the coordination sphere of the 
cation and the initial condensation steps of [Sn(OH) 4 (OH 2 )]“, [Sn(OH) 4 (OH 2 ) 2 ]° 
and [Sb(OH) 5 (OH 2 )j^ take place by olation. However, because the coordination 
sphere contains one or two aquo ligands only, most of the condensation process in 
fact occurs by oxolation. 

The case of boron(III), which also condenses via oxolation, is somewhat unique. 
In an alkaline medium, boron exists as borate [B(OH) 4 ]^, but it is one of the few 
elements to undergo a coordination number reduction upon acidification, leading to 
monomeric boric acid B(OH )3 [3]. Therefore, condensation between boric acid and 
borates takes place by oxolation only. 

Transition metals of high formal charge, such as V(V), Nb(V), W(VI) and 
Mo(VI), also undergo oxolation. However, their behavior is also somewhat peculiar, 
because the coordination of tetraoxo species changes from tetrahedral 

in an alkaline medium to octahedral at some stage of the acidification and condensa- 
tion processes [2]. 

Such ebcamples are evidence of a large diversity in behavior. The specific 
behavior of some typical elements will now be examined. 

4.1 OXOLATION REACTION 

The ligands of an anionic form can 7 a highly negative partial charge. For an oxo 
bridge to form between such entities where the maximum cation coordination is 
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salisfied, a subslitution must occur, which implies formation of a leaving group 
such as a water molecule. This molecule does not exist in the coordination sphere of 
the initial entities. Therefore, it is likely that the oxolation reaction occurs via a 
two-step SN 2 associative mechanism: 

(i) nucleophilic addition with formation of an ol bridge: 

6' I 6 - 

M-OH + M-OH > M-O-M-0 H 



leading to an unstable transition state because of the coordination increase. 

(ii) proton transfer from the ol bridge to a terminal OH ligand, forming a leaving 
aquo ligand: 

H 

i 6 6^ 6' 

M-^O-M-OH M-O-M-O H 2 — — ^ M-O-M T H 2 O 

The leaving water is present initially in the coordination sphere as an OH ligand and 
not as coordination water (aquo ligand). This tends strongly to tie the oxolation 
rates to the acidity of the medium, contrary to what happens in the case of olation. 
The reaction can be catalyzed, and it is possible to distinguish basic, acid or neutral 
oxolation from a kinetics standpoint. Neutral oxolation is usually the slowest of the 
three, as evidenced in the case of silicates. Their condensation rates are 10 times 
faster at pH 1 than at pH 2, the slowest at pH 3 and 100 times faster at pH 6 than at 
pH 4 [4], 

Basic catalysis is due to hydroxyl ions from the medium reacting on positively 
charged centers of the reactants [5], such as the cations themselves, or the protons 
of the hydroxo ligands of the cation. Since we are considering oxo-hydroxo or 
hydroxo forms of cations with saturated coordination, the protons themselves will 
be attacked by the hydroxyls. The negative charge on the nucleophilic oxygen is 
increased, and the first step of oxolation is eased. This is illustrated by the following 
concerted mechanism involving hydroxyl ions and water molecules: 



HO" 

M-05' + M“Q 



H H 



HO. 

> ..-H 1 

[M-0---M---0. 

■*H H 

V _ 

Transition state 
M-O-M + HO" + 2 H 2 O 



An increase in pH has two opposite effects. It strengthens the catalysis by favoring 
deprotonation of hydroxo groups, thereby increasing’their nucleophilic strength. In 



Oxolation: Polyonions and Solid Phases 95 

doing so, it also decreases the number of hydroxo ligands in the precursors (the 
hydiolyis rate increases). Since' the number of groups decreases, the progression of 
the reaction, and hence the growth, is limited. 

Acid catalysis of oxolation takes place on the negatively charged centers of the 
reactants- Protonation of hydroxo ligands facilitates the formation of expendable 
aquo ligands in the transition state, and strengthens tlie acidity of the ol bridge. The 
second step of the reaction is therefore favored: 

5“ 5^ 

[M-0-M-0H2]'^ 



M-O-M + H30'" 

If Ihe medium acidity increases, the formation of positively charged aquo-hydroxo 
species IS possible. Such species are even more prone to nucleophilic attack by 
the hydroxo forms. Elimination of the proton, which allows a decrease in the charge 
of the transition state, is also favored. However, an excessive amount of acid 
inhibits the nucleophilic power of the hydroxo ligand and therefore limits the 
reaction. 

Oxolation may occur over a wide range of pH. The reaction rate will be at a 
minimum when the reactants carry no charge (neutral oxolation). This is not the 
case for the olation reaction, which involves aquo-hydroxo forms for which 
condensation rates are limited only by the lability of the water molecule. 

Some high-charge. small-size transition metals exist in solution as tetraoxo forms 
for which the maximum coordination is not satisfied [V(V), Mo(VI), W(VI)]. At a 
ceitain stage, which depends on the metal, condensation is associated with an 
increase in the coordination number. Then it takes place by nucleophilic addition, 
as described in Section 4.3. 

It has been established (see Chapter 3) that, for cationic species, condensation by 
olation is always limited. The same applies to condensation by oxolation between 
anionic or neutral forms. 

(i) Condensation may stop because all hydroxo ligands have reacted and there are 
no expendable groups left on the growing polymer. Condensation is limited by the 
acidification rate of the precursors, as in the case of vanadates acidified at H+/ 
V=l: 

2[V03(0H)]^- , [V2O7]"- -1- H2O 

Fuither condensation of pyrovanadates requires higher acidification. For H"''/V = 2, 
the reaction proceeds until the formation of metavanadates: 

4[VOa(OH)2]- . (V40,2l‘’- + 4 H 2 O 



..OH 2 
I* ’■ 

— [M-O-M]'" -f H 2 O 
Transition state 
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(ii) Hydroxo ligands of a condensed species may become excessively acid. The 
reaction stops, again for lack of expendable groups: 

0 O 

1 i 

2Cr02(OH)2 O-Cr-Cr-0 

MO OH 

5(OH) = -0.01 5(OH) = +0.04 

The dimer is a strong acid ((Cr207]^“> Hydroxo groups are dissociated and 

condensation stops, leaving poly anions in the solution. This is also observed in the 
case of V(V), Mo(VI), W(VI), etc. Dehydration causes an increase in the average 
electronegativity, and hence an increase in the partial charge on hydroxo ligands 
and the loss of their nucleophilic power. 

One may anticipate that the oxolation reaction between [MOyvH2Ar-J*'^ zero- 
charge species would not be limited and would lead to the formation of an oxide, in 
a manner similar to the formation of hydroxides via olation (Chapter 3). This is not 
the case because hydroxo ligands always become strongly acidic at some stage of 
the condensation. The oxolation reaction alone always leads to strong polyacids 
which, depending on their degree of condensation, are either soluble (in the case 
of high formal charge transition metals) or insoluble [Si(lV)] (see Section 2.2). 
Strongly acidic oxides, of varying levels of hydration, are formed whenever 
condensation begins by an olation step [Sn(lV), Sb(V) and some high formal charge 
transition elements]. Tliis is a significant difference in behavior between oxo- 
hydroxo and aquo-hydroxo forms. 

The most widely encountered oxo bridge is the jj.2-0 bridge, which corresponds 
to corner-sharing polyhedra. This is the case for chromates, borates,' phosphates and 
silicates (CN = 4), and for niobates and antimonates (CN = 6). 

These few generalities will now be discussed further in a few characteristic 
examples. 

4.2 p-BLOCK ELEMENTS HAVING THEIR MAXIMUM 
COORDINATION IN THE MONOMER 

4.2.1 Si(IV): SILICATES 

In most of its oxygenated compounds, silicon is found in coordination 4. The basic 
unit is the Si04 tetrahedron which may share corners but cannot share edges [6j. 
Sharing edges would create exceedingly high Si-Si repulsions. Silicates are vety well 
known in the solid state, but their chemistry in solution is still poorly known owing 
to the large number of species and the complexity of the equilibria involved [2,4]. 

Silicate solutions are obtained by dissolving metasilicate Na2Si03, which is 
made of infinite chains of SiOd tetrahedra [6]. Breaking of the chains is almost 
immediate in water, and dissolution is fast. 
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Table 4.1 Characteristics of monomeric silicates in solution 



s 


From 


pK 


X 


5(OH) 


-5(Si) 


h = 6 


[Si02(0H)2]2- 


13 


2.10 


-0.55 


+ 0.20 


h = 5 


[SiO(OH)3]- 


9.9' 


231 


-0.30 


+ 0.35 


h =4 


[Si(OH)4]® 


2 


2.58 


-0.12 


+ 0.47 


h = 3 


[Si(OH)3(OH)2] + 




2.74 


+ 0.03 


+ 0.56 



The possible silicic monomers in solution are summarized in Table 4.1. By 
convention, the hydrolysis ratio h is expressed with respect to the aquo form chosen 
as a reference, whether it exists or not (see Section A. 3. 2). 

The h = 6 species is a very strong base which exists in water only for very 
alkaline medium. Conversely, the h = ?> species is a strong acid existing only in 
very acidic medium [2]. 

At pH ~ 1 2 (hydiolysis ratio h = 5.5), condensation of /? = 5 and /? = 6 species is 
limited to the dimer (pyrosilicate) made of two corner-sharing tetrahedra: 

[SiOCOH),]- + [Si02(0H),]'^ . (Si^O.COH),]'- +H 2 O 

The dimer is stable because of the exceedingly weak electrophilic character of the 
cation (x = 2.183, i5(Si)= +0.25, i5(OH)= -0.22). 

The h 5 form [5(OH)<^0, 5(Si)>0.3] is highly prone to condensation: 

2[SiO(OH)3l" . [Si 203 ( 0 H) 4 l^~ + H 2 O 

In the dimer, x = 2.346, 5(OH)= -0.33 and (5(Si)= +0.34. Condensation should 
not stop at this stage. Corner-sharing tetrahedra tend to form rings and lead to 
oligomers with degrees of condensation between 3 and 8 [7]. The cyclic tetramer is 
the most abundant species for pH between 1 1 and 1 2. These .species are the metasi- 
licates. Within this pH range, equilibria are fast owing to the basic catalysis of 
oxolation. 

The structure and distribution of polysilicates in solution has been determined, 
prior to the advent of ^^Si NMR, using a very elegant method, trimethylsilylation 
[9]. The technique converts labile silicates into inert derivatives by abiiipt acidifica- 
tion in the presence of trimethylsilane chloride ClSi(CH3)3. Silicates are converted 
into the corresponding silicic acids and the vei*y reactive silanol end groups are 
rendered inert by the trimethyl silanes: 

-Si-O- + H+ . -Si-OH -Si-0-Si-Mc3 + HCl 

Assuming that such reactions do not trigger structural reanagements of the silicates, 
the distribution of the silylated species reflects the composition of the initial 
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Pentamers 







Figure 4.1 Main slmclurcs of silicates in aqueous solution ■ (silicon concentration 
F5nioir', KOH/Si=l, 22°C). SiO,i tetrahedra, shown using differenl symbols, share 1 
(■), 2 (o) or 3 (•) corners. The double cages are stabilized in solution by tetraalkyl- 
ammoniuni cations. Reproduced from [7] with permission 



solution. Of course, acidiricalion is the critical step. The compounds formed are 
extracted from the aqueous pliasc in an appropriate solvent [hexamethyldisiloxane 
(CH 3 )(',Si 20 ] and analyzed using gas phase chromatography for the most volatile 
derivatives, or using gel permeation and mass spectrometr}' for the heavier ones. 

High resolution NMR techniques have allowed in situ characterization of. concen- 
trated solutions [7,9- 14]. Figure 4. 1 shows the structure of the most probable species. 

The nature of the cation in solution has a profound influence on the structure of 
cyclical oligomers. With tetraalkylammonium ions [NR 4 ]'^ (R — CH 3 , C 2 H 5 , C 3 H 7 , 
etc.), cages made of double cycles of 3-5 Si 04 tetrahedra are stabilized and have 
been observed in solution [15-20]. Tetramethylammonium hydroxide promotes 
formation of the cubic octamer [Si 802 o]^^ (Figure 4.1), which is obtained indirectly 
after the prismatic hexamer [Sir^O 1 5 ]^’“. This species corresponds to the final evolution 
of the solution in the presence of tetraethylammonium hydroxide. If tetrabuty- 
lamrnonium hydroxide is used, the decamer [Siu) 025 ]'^“ seems to form preferably. 
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The crystalline structure of these various species has been determined via X-ray 
diffraction, using various ethylenediamine complexes of transition metals as cations. 

The effect of tetraalkylammonium ions has not been clearly determined yet. It 
could be due to’ the particular structuring role of this type of ions on the solvent, 
and/or to a polarization effect on the anions. In the presence of [N(CH 3 ) 4 ]"^, 80% of 
silicates exist in solution as the double cycles of four silicon atoms ([Sig 02 o]^”)- 
The addition of Na'^ swiftly replaces the cubic units with simple [Si 4 Qi 2 ]'^“ cycles. 
Transverse bonds between cycles are broken, probably because of the strong affinity 
of the solvated Na'^ for the basic oxygen in the silicate. 

Between pH 3 and pH 9, the neutral Si(OH )4 is predominant in dilute solution 
[2]. Oxolation leads to gels of amorphous ‘hydrated silica’ [Si 02 -j:H 20 ]/, [4], In 
fact, the oxide’ itself does not form. A heavily hydrated polymeric gel does instead, 
with many terminal Si-OH groups of high acidic character (pK around 2). One 
may consider that the gel is made of large-size polyanions which aggregate by 
‘secondary’ condensation of silanols from different units. 

In the domain of predominance of Si(OH) 4 , around pH 3, condensation is slow. It 
is accelerated strongly when the pH of the medium deviates from a value of 3. 
Variations in the rate of consumption of monomer reflect the acid or basic catalysis 
with the acidity domain [21] (Figure 4.2). 

Around pH 7-8, gelation is instantaneous. The catalysis is due to the presence of 
[SiO(OH) 3 ]~;, At pH <2, the presence of [Si(OH) 3 (OH 2 )]~'' accelerates the reaction. 

Particles formed in alkaline or acidic media exhibit very different morphologies 
[4,21]. At pH>3, the molecular weight of the species in solution increases rapidly 
immediately from the onset of the reaction. Chains are highly branched and form a 
three-dimentional network leading to spherical particles a few hundred angstroms 
in diameter and forming particulate gels. At pH <3, molecular weights remain 



log V 




Figure 4.2 Rate of disappearance of the monomer at various pH (Si concentration 6 g/1 in 
Si02, temperature 20°C). From [21] 
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relatively small throughout the process. Condensation mostly generates oligomers 
(a degree of condensation of 2-6) which aggregate and gel slowly, forming diffuse 
aggregates of very small particles about 50 A in diameter (polymeric gels). The 
influence of medium acidity on the morphology of the particles may be explained 
using the previously described mechanism for oxolation catalysis. 

It is possible to predict the overall structure of the polymer, considering that, at 
an early stage of condensation, a branched chain contains several types of groups: 

OH 6 OH 

I I I 

HO-Si— 0*••0-Si-0*■•0-Si-0'•• 
l I I 

OH OH OH 

A 15 C 

Let us consider the three different types of groups: Si(OH) 3 (OX) [A], Si(OH)(OX )3 
[B] and Si(OH) 2 (OX )2 [C], where X represents the rest of the chain of average 
chemical compositioti SiO(OH) 2 - The X group is also a ligand with average electro- 
negativity: x(^) = X [SiO(OH) 2 l =2.63. Partial charges on sites A, B and C are 
given in Table 4.2. 

In an alkaline medium, catalysis involves the first step of the condensation 
mechanism, i.e. nucleophilic attack by the anionic forms (or OH“). It can be 
seen that the charge on all Si of the growing chain is higher than on the monomer 
[5(Si) = 0.47). Therefore, nucleophilic attack by silicic anions must take place on 
the chain, and preferentially on sites with highest partial charge, i.e. in the middle 
of the chain (sites B and C). Condensation creates many nodes, in agreement with 
experimental observation. 

In an acid medium, catalysis impacts the second step of condensation. Elimination 
of the proton in the -ol bridge in the transition state is eased by the protonation of an 
OH ligand, which favors formation of the leaving group (aquo ligand). The OH 
groups concerned are those located at the ends of chains, which bear the highest 
negative partial charge, or even those of the Si(OH )4 monomer. As a result, poorly 
crosslinked and poorly condensed chains are formed. Therefore, the morphology of 
the particles is heavily dependent upon the conditions of acidity in which condensa- 
tion takes place. 

Particles and polymers may remain dispersed in the medium, forming sols, 
or they can agglomerate and gel more or less rapidly. In general, oxide colloidal 
particles exhibit a stability minimum when the surface charge a is zero (see 
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Site 


X 


,5(Si) 


5(OH) 


A 


2.64 


+ 0.50 


-0.06 


B 


2.78 


+ 0.58 


+ 0.06 


C 


2.71 


+ 0.54 


0 
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Sol Stability 




Figure 4.3 Gelation time and stability range for ‘silica’ sols as a function of pH. From [4] 
■ with permission . . 

Chapter 6). The attractive forces between panicles (Van der Waals forces) are no 
longer compensated for by the repulsion due to charged surface groups, and the 
particles flocculate. When the acidity of the medium allows existence of a positive 
or negative surface charge, collisions between particles caused by Brownian motion 
become inefficient.- Particles repel each other and the sol is stable. The behavior of 
silica is quite different. Stability is at a maximum at the point of zero charge 
(pH = 2) because gelation is also the slowest [4] (Figure 4.3). 

On either side of pH = 2, gelation is faster because acid or base catalysis 
accelerates the condensation rate of Si-OH groups between particles. At pH <2, 
the surface charge is too small to provide efficient repulsion between particles. At 
pH >2, base catalysis of oxolation has the same effect, which is maximum for 
pH = 6. For pH >6, the surface charge is high enough for the sol to remain stable. 

(a) Aluminosilicates 

Silicon is, after oxygen, the most abundant element in the earth’s crust, which 
explains why soil, rocks, clay and sand are almost entirely made of silicates which 
include most metallic elements in extraordinarily diverse one-, two- or three- 
dimensional crystalline structures. Aluminosilicates are an important class of 
materials owing to their properties and their importance in geology, mineralogy, 
agronomy, ceramic science, catalysis and many industrial appplications. 

Aluminosilicates are also likely to form by condensation of silicate and aluminate 
complexes. Silicates can react with many elements, and with aluminum as the 
aluminate ion [Al(OH)4]^ in particular. The aluminate ion has a very low propensity 
towards condensation but it can be incoiporated easily in polysilicates: silicates 
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behave as polymerizable ligands, allowing Ihe formation of mixed compounds, and 
aluminum adopts the same tetrahedral eoordination as silicon in an alkaline medium, 
Jn addition, Al-O-Si-O-Al ehains are energetically favored in eomparison with 
AI-O-Ai bonds (95 J — there are no direct bonds between AIO4 tetrahedra in natural 
aluminosilicates. Mixed polyanions are certainly formed by oxolation between 
aluminate and various silicates [Si04_j. (I ^ jc 4); 

-Si-OH + H0~A1(0H)3' > _si-0~Al(OH)3" + H2O 

The structure of species in solution depends on numerous parameters (pH, tempera- 
ture, nature of the cation of the base, Al/Si ratio, etc.) and remains uncertain. The 
interpretation of ^^Al and NMR spectra is complicated and uncertain beeause 
of the high lability of Al-O-Si bonds, 2-3 orders of magnitude higher than that 
of Si-O-Si bonds [96,97]. In the presence of alkaline cations (Na“^, Cs'^), the 
complexes: and 

are detected in solution. With tetraalkylammonium cations, cages similar to those 
observed in silicate solution were found with different substitution ratios of silicon 
by aluminum. 

Depending on the reaction conditions (composition, acidity, temperature, pressure, 
etc.), they can lead to the formation of many compounds [6]. The following provides 
some structural information on two large classes of aluminosilicates. 

• Clays are natural compounds formed in geological layers under hydrothermal 
conditions. Their structures, which are usually two-dimensional, are based on the 
stacking of sheets of Si04 tetrahedra (Si layers) and AlOg octahedra (A1 layers). Van 
der Waals forces between the sheets ensure the stability of the staicture.' The 
organization of the layers may vary. Substitution of Si by A1 in the Si layers and/or 
of A1 by divalent cations [often Mg(ll)] in A1 layers gives the network a negative 
charge balanced by cations (Na"*', K’^, H’^, Ca^’^, etc.) located between the sheets 
[6,22a,bj. The result is a very large number of structures and chemical compositions. 
For exemple, the sheets of kaolinite Si205Al2(0H)4 and its substituted derivatives 
contain one Si layer and one A1 layer (Figure 4.4a). Derivatives of pyrophyllite 
Si40|oAl2(OH)2 contain an A1 layer between two Si layers (Figure 4.4b). Substitu- 
tions within A1 layers lead to the formation of montmorillonites of generic formula 
Si4 0,p(Al2_^M^'' )(0H)2, where C is the exchangeable hydrated cation, most 
likely calcium (Figure 4.4d). If C is sodium, the compounds are called bentonites. 
Substitutions within Si layers form the beidellites (Si4_;>-AlJOioAl2(OH)2, C^.. 
Muscovite (mica) is the compound for which jc = 1 and C = K“^ (Figure 4.4c). 

Substitutions taking place simultaneously in both types of layer lead to 
vermiculites (Si4_^A1^90,oM3l^^,M^,^^ or to saponites (Si4^^Al^)0,oM3’^ 

(0H)2, C^. The latter are derivatives of talc Si40ioMg3(OH)2- Some of these clays 
can swell (montmorillonites, saponites) because water may place itself between the 
sheets and separate them since they are held together by the electrostatic forces of 
the solvated exchangeable cations (Figure 4.4d). 
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Kaolinite [Si 205 Al 2 ( 0 H) 4 ] . Pyrophyllite [Si 40 ioAl 2 (OH) 2 ) 




u / ■ V Hydrated montmorillonite 

Muscovite (mica) 

[Si3AIOioAl2(OH)2]K2 [Si4Ol0(Al2-xM^’^x)(OH)2]Cx- nH20 

Figure 4.4 Structures of a few clays 



• Zeolites are another class of aluminosilicates in which corner-sharing Si04/A104 
tetrahedra form giant, vei^ open polyhedral structures (Figure 4.5). Zeolites are 
formed via precipitation or hydrothermal synthesis [-23a,b,24j. Their synthesis 
requires the presence of quaternary ammonium cations or that of crown ether 
complexes which act as templates and orient the structure. Many crystalline varieties 
can be obtained, depending on the composition (Si/Al), the nature of the charge- 
balancing cation and the type of complex initially formed in the. solution. 

The structure of zeolites is characterized by the existence of large channels 
and voids where the charge-balaneing cations are located. These cations may be 
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Sodalite type A 




Na4Al3Si30i2CI Nai2[Ali2Sii2048]‘27H20 





Mordenite 

NaAISi5O-(2'0H2O 



ZSM-5 Zeolite Socony Mobil 



Figure 4.5 Slmclurc of a few zeolites. These structures are based on corner-sharing Si 04 
and AIO 4 telrahedra forming various motifs such^as the sodalite unit ( 6.6 A in diameter) 
shaped as a cuboclahedron. This unit contains 2.2 A wide openings on hexagonal faces. The 
structure of the zeolite is formed by stacking such cuboctahedra to form small cubic or 
hexagonal prismatic voids. These voids may be connected to one another directly (sodalite) 
or through prismatic channels (zeolites of type A, for example). The large voids contain the 
charge-compensating cations and account for about 20-50% of the total volume of the 
crystal. Mordenite, the most silica-rich natural zeolite, contains large parallel channels 
formed by cycles of twelve tetrahedra (9.5 A in diameter) and smaller channels (8-tetrahedra 
channels) trapping water molecules. The channels are connected by other perpendicular 
channels formed by 5- or 6-letrahedra channels. In the ZSM-5 zeolite, a’ synthetic zeolite 
widely used as a catalyst, the Si/Al ratio is higher than 20. The larger tlie Si/Al ratio, the 
lower is the number of exchangeable cations and the network becomes hydrophobic 



exchanged for other cations, and hence the widespread use of zeolites as ion- 
exchange materials. zeolites play a considerable role as catalysts, particularly in 
the cracking of oil because of the large number of acid sites in the structure [23a, 24]. 
In the dry state, the cavities are able to contain many different molecules. Zeolites 
may be used as molecular sieves for adsorption and separation of gas mixtures. 
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Because of its electrical charge, the aluminosilicate network is hydrophilic and is 
used to dry non-aqueous solvents. The aluminate ion may be removed from the 
structure without significant modification of the framework, giving the network a 
hydrophobic character. The resulting material is used as a molecular sieve for the 
separation of paraffins: linear molecules are adsorbed in the network whereas 
branched molecules are excluded from it. 

4.2.2 Sb{V): ANTIMONATES 

Antimony(V), always hexacoordinated in solution, exists in an alkaline medium as 
[Sb(OH)(5]~. This species is stable as a monomer owing to the weak electrophilic 
character of the cation. A calculation . gives x — c5(OH)= —20.21 and 

(5(Sb)=+ 0.26 <0.3. 

Acidification of antimonate in solution leads to condensation phenomena 
culminating in the formation of polyanions and antimonic acid gels. 

Antimonic polyanions are poorly known. Potentiometry seems to indicate that, 
for an acidification ratio H/Sb of 0.6, a species condensed 12 times' is in 
equilibrium with the monomer [Sb(OH)6]” and with the protonated forms of the 
polyanion [25] of unknown nature. 

Acidification of potassium antimonate KSb(OH)e in solution by ion- 

exchange on a resin (in order to avoid an increase in the ionic strength of the 
medium) leads immediately to the formation of an opalescent suspension which 
becomes clear after about 30 min at room temperature. After about 24 h, a crystal- 
line gel of antimonic acid particles HSb03 ■ 1 .5H2O, of pyrochlore structure, is formed 
[26,27,28]. The structure contains corner-sharing SbO(5 octahedra (Figure 4.6). 

The protons of antimonic acid can exchange easily with alkaline cations or the 
silver ion [26,27,29,30]. Ionic conductivity measurements [31,32] show that the 
protons are very mobile in the network. A study of the dehydration linked to the 
exchange [30], as well as NMR of antimonic acid [32], seems to indicate that 
exchangeable protons do exist as H30'^-solvated ions within the channels of the 
structure, so that the solid may be represented by [H30"^][Sb03]~ -0.5H2O. 

Formation of the solid phase cannot result from an oxolation reaction alone. It 
turns out that acidification of antimonate leads to the neutral hydroxo-aquo species 
Sb(OH)5(GH2) which can condense by olation [x = 2.60, 5{Sb)= +0.32, 5(OFI) = 
— 0.10, <5(H20)= +-0.16]. This form can rapidly lead to amorphous particles of 
various sizes, such as entangled polymer chains of corner-sharing octahedra, which 
are responsible for the opalescence observed upon acidification. Disappearance 
of the opalescence is probably due to the rearrangement of these species into 
smaller-size entities, as indicated by the decrease in molecular weight of the soluble 
compounds [28]. Such entities are susceptible to becoming the nuclei of the 
crystallized solid. In fact, if the ageing process is halted (through free2;ing of the 
suspension in alcohol, for example), various types of hydrated amorphous antimonic 
acid are obtained [33,34]. 
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Figure 4 6 Pyroclilorc sUucU.re of anlimonic acid. SbO^ oclahedra are connecled by oxo 
bridge' (cornc, sharing). The solvaLed prolons arc di.slribuled in the hexagonal channels of 

ihe slructure 

Hence the reaction mechanism in Figure 4.7 is proposed, which explains the 
development of the crystalline structure and the presence of exchangeable protons 

''rhV|lwOm,(OH.)|" .pccic,, which comainc on. molecni. of water ohl,. allowa 
,h. tamaUti rfamaTtings of come, -sharing octahedra. rathe, than the fornrahon 
of chains The smallest units that appear to be at the origin of the final struc uie are 
the Sbi(OH ),5 rings (species 1). The nucleophilic activity of the hydioxo ligands 
fv = 2 635 5(OH)= -0.07) allows these rings to bind, by olalion and oxolation, o 
the remaining antimonate from the initial amoiphous precipitate, and form inter- 
niediate compound 11, Sb 402 ( 0 H),r,. Us topology seems to be the most favorable 
for the stabilLtion of rings, which are therefore capped by a fourth oc ahedion^ 
At this stage, a condensation by olation is possible^Mejmed^ 

compound 11 may, however, conden.se by oxolation (x - 2.658, >5(0 ) • 

and form a pyrochlore network quite easily. Not all the hydroxo ligands in units 
are removed during condensation, and the overall chemical foimu a o lejo i , 
Sb 07 ( 0 H). In fact, the hydroxo ligands in the solid are hig y aci ic. x ■ _ ’ 
5(OH)= +0.10. Therefore, these ligands have a tendency to undergo acid dissocia- 
tion when in contact with the hydration water from the solid. The solid is probably, 
more accurately described by the formula [H 3 O+, SbOjl-nHzO- Althoug is 
pio o."d mechanism is speculative, it is simple and logical and does accoun for the 
phromena observed. It must be stressed that both olation and oxolation are 
involved in the formation of the hydrated oxide. 
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3 Sb(OH) 5 (OH 2 ) 



Olation 




Sb02(0H) Sb03 , H+solv 

Figure 4.7 Possible reaction mechanism for the solution synthesis of anlitnomc acid 
(pyrochlore stmeture) 

A similar reaction mechanism is seen for tin(IV). Hydrated tin oxide is usually 
forlChe addition of a base to SnCU solutions (35.36.3^ or by -d ^ 
sodium staiinate [38]. In either case, condensation leads to Sn 02 -nH 20 (cassi ) 
of the rutile-type crystal structure (see Section 3.2.3b). . . , , 

The essentia? structural difference between the pyrochlore lattice of antimonate 
(corner-sharing MOg octahedra) and the rutile lattice of the stannate (edge and 
corner-sharing MO^ octahedra) appears to be due to the dj^fference in formal charge 
between the two elements. The octahedral coordination of tin(IV) [2] in ^he «eu r 
. species Sn(OH) 4 (OH 2)2 leads to the presence of two water 

the onset of condensation by olation, as in the case of antimony (V). However 
electrostatic repulsions between Sn(lV) cations are 

cations Therefore, in the case of tin, SnO<; octahedra share edges (double hydroxo 
bridges) and tend not to form rings. Chains link up at a later stage by oxolation. 
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rorn,i„g . ru.ile-l,„e slruc.ure^ In Seaion 3 iJb, we hn.e seen Ihn, an ana.ase 

"a s'in'.hl .he m„,phdogy of ,h. oaide or oxohydroxide 
nan c s is spong?y de„endcn, on .1.. experhnemal condi.ions. However. seem 
l.nl smill schericaUrystaninc panicles (aboul 20 A in diameter) are always formed 
in'ili-illY 137^351 Aggregation and dissolution-crystallization equilibria eventua y 
l^eJfge m^Liphology (from spheres to short sticks), as well as to highe. 

crystallinity. 

4.2.3 B(lll): BORATES 

Boron is a highly electronegative element (x,*3 = 2.02) which forms a very small 
cat 0 B- onic radius 0.27 A). In aqueous solution, boron exhibits ‘wo coord.^- 
^^on modes tetrahedral in the borate, [B(OH) 4 ]-, or trigonal in boric acid, B(OH) 3 . 
The pK,, of the couple is 9.5 [2]. Both forms are stable as the monomer, the bora 

^"contnlv to''whris"ul!^ acidification of the borate leads to a 

.educ":: in Coordination number. This is why boric acid acts as a Lewis acd, 
behaving as an OH' acceptor rather than a proton donor. 

13 (OH), 4- OH' > [B(OH) 4 j 

or 

B(0H)3 + H 2 O > lB(OH),il 4- Hg'^ivaicd 

One c..,.ld consider .1ml » w„cr molecule in .be coordi.m.ion sphere of boric rrerd 

could act as a proton donor. 

B(0H),(0H2) + HpO ^ IB(OH),)- + H3O+ 

1 fnri "r liouid NMR [39 40] and the structure of the solid [3] show boron D 3 /, 
In fact, B liquid ‘ ^ 3 ed. The decrease m 

rr r-i rrnm ihe three hvdroxo ligands, as in the BX 3 halogens [41]. 
m B O U) - ion xhibits a T. symmetry. Its MO diagram is shown in Figure 

4 . 8 a Th! . donor character of the ligands is small and the . symmetry AOs of the 

lipands remain non-bonding [41]- • „ n n 

^ • r 1 u H-.0 litzand and causes an increase in me d U 

Protonation of the boi ate forms a H 2 S ' B(0H)3(0H2) 

, 1 ■ .inri n tlpcrease in the symmetry (Td — > 03u). me utn tat 2 > 

complex fs no', s.xble, rmd wider is easily elimina.ed frorm .be 

•1 h tn n symmetry allows the three hydroxo ligands to establish p„ 1 ,r 
::;:t.idr,s b;.wee: .be^c,,.p.y P. orbha, of boron and an orbil.l of . symme.ry 
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Figure 4.8 MO diagram for (a, lB(OH),r and (b) The diagrams are drawn by 

3og, wirb the diagrams of BXf and BX, respcCvely, From I41) 
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Z part^l charses model cannot he used in a discussion of these species m 
Pmenliometry measurements [42,43] show that the borate and boric species may 

Jer:se.TLacldlfica^^^^^^^^^^ 

titration curves [42-44] (Figure 4.9). 





(b) (=) 

Figure 4.10 Slruclurcs of (a) polyborates, (b) boric acid and (c) metabolic acid 



Potentiometric metusurentents show that acidification of borate forms. ,n sequence 
the following species; a dimer in diluted solution, a lelramer in a concentrated 
solution of acidity p = = 1/2 and a trimer ip = 

For p = 1 /2, the formation of the dimer is 

[B(OH)4l^ + B(0H)3 * [B20(OH)5l" + H 2 O 

For a high concentration («0.4moir'), the dimer itself dimerizes to form the 
cyclic tetramcr [B40s(0H)4l^^ (Figure 4.10); 

2[B20(0H)5p ' [B405(0H)4f^ + 3 H 2 O 

For a higher acid content {p = 2/3), the trimer is formed. 

(B(OH)4l” +2B(0H)3 > [B303(0H)4]“ +2H2O 

This species is stable in solution owing to cyclization (Figure 4.10). 

For p > 2/3 the system decondenses and the boric acid monomer is predominant 
in solution. It would seem that, around p = 4/5. condensation proceeds as far as the 
pentamer (Figure 4.10): 

[B(OH) 4 l“ + 4B(0H)3 * lB506(0H)4l'' + 6 H 2 O 

The existence of this species in solution deduced from NMR investigations is still 
lontroirsial 139,40). Its lifetime in solution is probably very short since, the 
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hydrated potassium pentaborate K[B50,(OH)4) ^HaO is rapidly hydrolyzed in 

''"'in Tost condensed boron compounds, the basic structure is a 

(three boron atoms and three oxygen atoms) which 

Lr-Ihedral borons that form connections between rings [6] (Figure 4.10). 

Cycltti^^^^^^^^^^ condensation in solution. In the solid, boric acid forms rings 
liiSd together by hydrogen bonds. Since boron adopts a trigonal configuration, 

(7'>100°C) The orthorhombic form, obtained by quenching, is made of tru 
iLjs lild by hydrogen bonds in a layered structure (Figure 4.10c). The monoclinic 
form is made of chains [B304(0H)(0H2)]„ iu ^^ch 3- and 
coexist In the cubic form, BO4 tetrahedra are linked by hydrogen bonds [6]. 

Metallic polyborates have important industrial applications; millions of tons 
f K V Nn'R O (OH)a SUiO (tetramer chains linked by hydiogen bonds) ar 
"p oI:. STt”!: . wl.el, 1„ .he s,P.hesl3 of ce.™e. sl- 

fibers, .hermal h.shla.ors. enanrels, fire re, a, dents, etc. Boron ox.de BeOj 
ordered network of B,0, rings) is used mostly ,n the 

glasses (Pyrex). Owing to its small thermal expansion coefficient, the resulting glass 
exhibits good resistance to thermal shock. 

4 3 TRANSITION METALS FOR WHICH CONDENSATION 
LEADS TO AN INCREASE IN COORDINATION NUMBER 

in iheir maximum oxidation state, V(V). Cr(Vl). Mo(VI), W(V1) and Mn(VU) have 
,he d« electron configuration, carry a high clwge and are ^ ^ 

alkaline medium, they exist as tetraoxo [M04]^*-^’ monomers [2] (see Section I.l. 

"'TllTefompTerLden by protonation, f 

inversely proportional to their, acidity, n t e^enes_^^^^4 the charge 

the strength of the conjugated acids [M03 _,v(OH).J apr-rpncprWTable 4 3) 

of the cation and hence the extent of the condensation is decreased (Table 4.JJ. 
Mn(VII) exists only as the monomer [Mn04]". Polarization /^e °H is 

extremely high and the Mn03(OH) acid does not exist m diluted eolation [2] 

For identical formal charges, the degree of condensation ^ 

to W(V1) In this series, the strength of the acid decreases,, but the sanation m 

condensation cannot be justified by this simple 

increases, and, moreover, Mo(VI) and more importantly W(V1) do not form condens 

snecies from the tetrahedral motif [45,46]. 

For some transition elements, the transition from 4-coordi nation to ^-coordmaPon 
observed during protonation and condensation may be qualitatively explained by 
considering tt bonding with the ligands (see the case of boron. Section 4.2.3). 
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Table 4.3 Cbaraclerislics of a few transition elements of high oxidation state 



Form 


VO;;- 


CrO^ 


MnO^- 


MoOj- 


W 05 - 


pK 


13.2 


5.6 


(-2) 


3.9 


4 




7.5 


0.8 


— 


3.9 


4 


Ionic radius (A) 


0.56 


0.52 


0.46 


0.62 


0.67 




0.40 


0.37 


0.33 


0.44 


0.48 


Coordination 


4-5-6 


4 


4 


4-6 


4-6 


Condensation 


10 


2 


1 


7-8 


7-12 


The rndiu.s or 0^ is ;i 


ssuincU ccjual lo i . 


40 A for the calculati 


ion of Tlie radius of cations is from Slu 


mnoii and 



Prewiu (47). 

Highest degree of condensntinn of polyaniniis in aqueous solution. 

In their letraoxo form, transition metals may involve their d and p atomic 
orbitals in n bonds with the oxo ligands. The ligands of e symmetry are the ones 
involved, since the t 2 (d and p) are already involved in a bonds and can only 
participate in small overlaps (Figure 4.1 1) [41,48,49]. tt bonds can be very strong in 
oxoanions, in particular in [Mn 04 ]~ [48,49], owing to the strong polarizing power 
of Mn(VIl) caused by its small size and high charge. Therefore, oxo ligands in 
[Mn 04 ]~ are not basic and cannot be protonated, even in a strongly acid medium. 

With larger and more highly charged d*^ cations, tetrahedral coordination is still 
favored because the antibonding orbitals are empty, but the tt overlaps are less 
pronounced than in the case of Mn(Vll). Therefore, the basic character of the oxo 
ligands is stronger. Protonation becomes possible and the formation of hydroxo 
ligands further weakens the tt transfers. Under such conditions, the steric demand of 
the largest cations is no longer balanced by sufficiently strong tt bonds, and a change 
in coordination occurs. This change occurs via condensation with the addition of 
tetrahedra, or by solvation in a diluted (and/or acidic) medium. The cation acquires 
the octahedral coordination of symmetry 0/„ D4;, or C4^ — even with a single a 
system, which has more favorable crystal field stabilization than in coordination 4 
with a and tt bonds. By comparison, the size of Ti(IV) is similar to that of Mo(Vl) 
and W(VI), but its charge is smaller, and therefore it cannot form tt bonds, and 
formation of the 0 x 0 ligand does not occur. Titanium remains in coordination 6 in 
the aquo-hydroxo form, which is insoluble in an alkaline medium. 

The stage of protonation for which a change in coordination takes place is a 
direct function of the cliarge and size of the cation, because the basic character 
of 0 x 0 ligands is inversely proportional to the polarizing strength of the cation. 
For V(V), a change from coordination 4 to 6 is observed for H"^/V = 3 which 
corresponds to the species [VO(OH) 3 ]^. For Mo(Vl) and W(V1), the coordination 
expansion occurs earlier, at 1 < H“^/M <2, which corresponds to [M 03 ( 0 H)]“ and 
[M02(0H)2]^^ species (see Section 4.3.2). This explains why W(V1), or very rarely 
Mo(VI), does not form condensed species from tetrahedral motifs. Cr(VI) and 
Mn(VII) are too small to expand their coordination beyond 4. A change in coordina- 
tion would require a cation/oxygen radius ratio close to 0.414, which corresponds 
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Figure' 4.11 Molecular orbital diagram for [Mn 04 ] . From [49] 



to the size of octahedral sites in a close-packed stacking of oxygen atoms (Table 
4.3). It is probable that the inability of these two elements to exceed coordination 4 
is responsible for their limited solution chemistry. 

Extension of cation coordination may take place through two different 
mechanisms, according to acidity conditions: 

(i) When the acidity of the medium allows the existence of [MOa(OH)b]^~" anions, 
nucleophilic addition of these protonated moeities may take place by condensation 
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MO3OH MO3OII 




Figure 4.12 Tctrahcdra aclclUion wilh formation of chains and nngs 



iVfVl Mo(Vl) \V(Vl)). Protonalion increases the length and decreases 

M-Oh’L,*, T„c .ed,a»i^ Wa .0 «,ge-sl.a„ng polyhedra and 

the formation of rings or chains [50-52] (Figure 4.12). 

SHSr srr; ss ' 

4.3.1 V(V): VANADATES 

, I „ -1 n-inllel between the behavior of phosphates and that of 
It is interesting to draw a paralle r„mnl charee in a similar lelraoxo 

vanadates. The central element as t e condense via thermal 

environment. H^ever whereas ^^ndense spontaneously 

dehydration of the solid [531 (see ^ecuon 
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in solution in acid conditions. The difference in the behavior of V(V) and P(V) is 
due to the smaller size of phosphorus which increases its polarizing strength 
Therefore, P-0 bonds have a higher covalent character than V-0 bonds, and 
phosphorus is considerably less electrophilic than vanadium. 

(a) Polyanions 

The condensation of vanadates is seen veiy clearly in the shift of proton titration 
curves as a function of vanadate concentration [2,5] (Figure 4.13). In addition, the 
various stages are clearly differentiated by distinct equivalent points. 

_ hT. a/V = 0-1, the shift in titration curves is such that ApH/ A log 
C>() [5]. Condensation occurs and the equivalent point indicates the formation of 
pyrovanadate: 

2 [V 04 ]^" + 2H^ > [VaOv]^^ + H 2 O 

or 



2[V03(0H)1^ > [ViOv]'' + H2O 




Q 1 2 3 H+consumed ^ ^ 

Figure 4.13 Titration curves of vanadate solulion.s for various vanadium concentrations. 
Reproduced by permission of John Wiley & Sons from [2] 




Melal Oxide Chemistry and Synthesis 



116 

The structure of pyrovanacJate consists of two corner-sharing tetrahedra, similar to 
i?'o7- and [Crlo-rf-. Under such acid conditions (pH> 12). the pyrovanadate 

I ... ,..2 (9>pH>6), .he ApH/AlogCerm is posi.i.e end .he 
secoiid (!.|.il»alei.. pohi. ii.dica.es .he formalion of melavanada.es I . ,J . 
tetramer rings (Figure 4.13): 

4 (V 03 l‘' ■ + 8H ' [V40i2]‘'' + 4 H 2 O 

or 

4(V02(0H),1' > [v,,Oi2r^ + 4 H 2 O 

In fact, the structure of metavanadate .solutions is more complex as indicated by 
-■’'V NMR spectroscopy coupled to potentiometry investigations [ ^ 

,n a very alkaline medium, a single peak is ob.served, assigned 
(Fieure 4 14a) During acidification, additional peaks appear (Figure 4,14b). The 
displacement of the chemical shift of these peaks with pH 

n olornted forms of vanadate ([HVO,.!^-, [H 2 V 04 ]^) and pyrovanadate ([HV 2 O 2 ] , 

H 2 V 2 O 7 I"-). However, the peaks remain singular because protonation equ.libiia c 
faster than NMR observation time, and an average situation is o serve . 

^*rTv:o:r-."n 




_540 -560 X -580 5 ^ 520 540 560 580 

(a) 



4 14 1.35'VNMRchemical.shiflsofthemainvanadiumspeciesasafunclionofpH 

Figure 4.14 (<i) ' „ _ (C"., — 10 ^ mol 1 )- Reproduced from 

and (b) "'V NMR spectrum of a .solution at pH 8.3 (Cv- ^ I 

[54] with permission 
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(Figure 4.14a), which may be assigned to a linear tetramer [V 4 O 13 ] and its 
prolonated form [HV 40 | 3 ]^“, overlaps at pH<9, with the peak assigned to 

1 ^ 4012 ]“*” rings. • c - u • 

In the solid, metavanadates have linear anionic stiiictures [46,55]; infinite chains 

of corner-sharing (KVO 3 ) tetrahedra, or distorted trigonal bipyramids (KVO 3 ■ H 2 O), 

in which 'vanadium is pentacoordinated (Figure 4.13). 

By acidification above p = 2, vanadate solutions become orange and the shift in 
titration curves with concentration is such that ApH/AlogC> 0. Condensation 
proceeds and the equivalent point around pH = 3 (H'*'/V = 2,5) indicates the 
formation of deca vanadate: 

10[.VO4l^- -1-25H+ 1 [HV,o028f^ + I 2 H 2 O 

or 

5[V02(OH)2p -F 5[V0(0H)3]° > [HV,o028l^ + I 2 H 2 O 

The addition of tetrahedra allowing octahedral coordination of vanadium occurs 
within this acidity range, where the equilibria are slow. 

The structure of decavanadate consists of 10 edge-sharing VOe octahedra (Figure 
4 15). NMR investigations have shown that the decavanadic ion maintains 




Distances V-O (A) 



V1-0A 2.11 

V 1 -OB 1.93 
Vi- Oe 1,70 



V 2 - Oa 2,32 
V 2 - oc 1,88 
V 2 - Oo 1.83 
V 2 - Oe 2,03 
V 2 - Og 1,60 



V 3 - Oa 2.24 
V 3 - 08 2.01 
V 3 -OC 1.62 
V 3 - Of 1.61 




(b) 

Figure 4.15 (a) Stn.cU.re of ihe [V.oO^sl®- ion and bond lengths a.id(b) protonation sitw 

for [HV,o028f“ and [nzYioOzsl'' in water a.id for [H3V„^28] .n H2O/CH3CN. 
Reprinted with permission from [56]. Copyright 1987 Amencan Chemical Society 
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r„, din., ion polydcdr. share , even, four and between 

such contpac, . 7 “ ahl S' tZards .he outside 

„„adi«,n atoms, wlt.eh ,.bOA (V-0.™,„t) » 2.32A 

Of the ^“Tbe ^frong distortion of the coordination polyhedran 

■ r thp external oxYRcns In water, the most protonated 

causes the poor baste """'"f 2"" h*/V = 2.6, Figure 4.13). 

form of decavanadate ts lHcV,„Oj,l < ' , medium less dissociative than 

In a water/ acelonilnle mixtuie ( cit,CH - protonated sites have 

pure water, it is possible to obtain [H3V,o028] ^^bJ. Vano p 

been identified via X-ray vio"" bonds cannot be protonated. In 

The terminal oxygens reacts with the proton. As a 

IHV „Oa,r- the oxygen ,n p, ts tte mo redistribution 

(Figure 4 . 15 b) ,,,i„r„n ensv deprotonation and form [V10O28J® by the 

adSm'l'''of“Ldirh;5ri'T?JsL„e.,s of the e,uilibria prevents rapid 

re^rir'gSVSr::.^;!^ s,s,em decondenses to give the oetahedra. 
vanadic cation [V 02 (OH 2 )ri] [2,45]. 

[H2V,o028l" + I 4 H 3 O' + 18H204=> 101V02(OH2)4]-' 

T 4 +/V — 9 6 indicates a maximum of 

The intersection of the titration curves at H /V-2.6 

condensation. nririitv ranee may be explained by the 

Decondensation of the system in ^ monomer. We noted previously 

hydroxo-aquo [V(OH),(OH 2 ) 2 l" 

forms; 




poorly basic and not prone to protonation. 
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(b) Solid Phase 

During the titration of sodium or ammonium vanadate at a high ionic strength, 
no solid phase is formed around H+/V = 3 corresponding to the existence of the 
zero-charge species. The decavanadate is in equilibrium with the non-condensed 
cation [V 02 ( 0 H 2 ) 4 ]’^ and the kinetic phenomena are such that there is a direct 

transition from one form to the other [2,50]. 

However, if a solution acidified at H+/V = 3 with a low ionic strength is aged 
(acidification taking place via an ion-exchange resin) [57,58], the solution gels in a 
few hours if the vanadium concentration is higher than 0.1 moll . The vanadiurn 
oxide gel, V 2 O 5 ■ / 1 H 2 O, is made of entangled ribbon-shaped fibers, several thousand 
angstroms in length, about 1000 A wide and 10 A thick [59] (Figure 4.16). 

The structure of the fibers (Figure 4.17) is very different from that of the 
decavanadic polyanion formed immediately after acidification. The oxide is there- 
fore not the result of aggregation of polyanions. Rather, it is the result of polyanion 
decondensation equilibria during which zero-charge precursors are fonned and 
removed from the solution via unlimited condensation. In fact, the solid forms only 
if acidification takes place in a medium of weak lomc strength favoring weakly 

charged species [60]. . 

The formation of V 2 O 5 may be explained by considering the zero-charp 

monomers [VO(OH) 3 (OH 2 ) 2 ]" and [VP 2 (OH)(OH 2 ) 3 ]'’ in equilibrium with the 
decavanadate. As soon as they appear in solution, these entities condense by olation 
since both hydroxo and aquo ligands are present. The formation of chains is the 
result of the structure of the precursors; short V = 0 bonds prevent condensation 




Figure 4.16 TEM micrograph of a vanadium oxide gel VjOj.nHjO obtained via 
acidification of sodium metavanadale on an ion-exchange lesin 
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Figure 4.17 Possible fomialion mechanism of a 
V0(0H)3(0H2)7 



V^Os-^iHaO gel from the neutral precursor 



al„„g .heir »xis Sever,! porriWe chain r.rac.nre,, are possible, clepencling on ihe 

precursor; 

,.,^0 J^OH . h,o^oh — ^ - 

n U 1 



0 

11 /OH 



o 

11 /OH 



olation 



Type II 



HoO->V— OH + l-hO^V OH 



0 O 

11 /H 11 /OH 

HO 1 HO 1 



/ihoTrfwcTXiiiiubiS; to» 

into'rO badges, leading to the 

or vanadic ac. 

requires the presence of traces of V(fV), which appear spontaneously during 

acidification with an ion-exchange resin or ^ 

1 r vnvi nc n catalyst is not quite clear yet [63]. It may act as an uuuabu 
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ligands present in the correponding forms of V(V), because of the smaller formal 
charge on the cation. 

The conductivity of vanadic gels has both ionic and electronic components. lonie 
conductivity stems from the mobility of protons in the water-swollen space between 
the sheets, and it occurs in wet gels. Electronic conductivity is due to the mobility 
of electrons between V(1V) and V(V) sites in the lattice, and occurs only in dry gels 
[64]. This leads to interesting applications such as the fabrication of antistatic strips 
on photographic film, for example [65]. 

Although qualitative, the proposed mechanism stresses that the formation of 
vanadium oxide does not stem from an oxolation reaction alone. This is also true for 
other elements [Sn(lV), Sb(V), W(VI), etc.). The formation of solid phases of metal 
oxides by precipitation always involves at least one olation step, because oxolation 
alone leads only to the formation of polyanions (see Chapter 2). 

(c) Other Vanadic Polyanions 

The decavanadic ion is the largest isopolyanion formed in water by pentavalent 
vanadium in the presence of alkali or protons. A change of solvent and/or cation 
may allow formation of other species, some of which exhibit very surprising 

structures, - 

We have already discussed the effect that the nature of the solvent and the 
presence of some cations, particularly quaternary ammonium cations, have on the 
reactivity of many systems. Silicates are one such system. It is also the case for 
polyoxometalates, and in particular polyoxovanadates. Furthermore, the foimation 
of V(IV)/V(V) mixed-valence polyanions also increases the number of structural 
varieties. Recent studies by A. Muller in Germany and W.G. Klemperer in the 
United States, have shown spectacular results in the chemistry of polyoxovanadates. 
In the following sections, the synthesis and structure of some of these compounds 
arc discussed. 



i Vanadium V compounds 

After refluxing the decavanadate V iQO28H^[f^0^S^)4]4 in acetonitrile for 1 -2 min, it 
is possible to extract the [CH3CN.Vi2032] anion [66] as a tetraphenylphos- 
phonium salt. The compound contains vanadium atoms in pyramidal 5-coordinaUon, 
and exhibits a very open ‘basket’ structure hblding a molecule of acetonitrile almost 
in its entirety (Figure 4.18a). 

Prolonged reflux of Vio028H3[N(uBu)4]3 in acetonitrile yields a very compact 
polyanion [V 13034]^" with a structure based on extremely distorted VOe octahedra 
[67] (Figure 4.18b). The structure is reminiscent of Keggin’s description of the 
tungstic polyanions (Figure 4.24), but the trivanadic groups and the thirteenth atom 
of vanadium form a much more compact two-layer configuration. 
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^ I IV O I"*- alie Viinadium atoms are shown as filled circles). 

Figure 4.18 (a) Structure o I 12 19 g 9 American Chemical Society from 166]. 

Reprinted permission from [67]. Copyright 1992 American 
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Figure 4.19 Cage structures of polyoxovanadic ions: (a) [V|g042(H20)]'^ (reproduced 
bv permis.sion of the American Chemical Society from [68]); (b) [H4V,804yX)] 

(X = C1 Br, I); (c) [HV,8042(N03)1 (d) [V.^O^rafCOO]^-, (0 [V„ 04 ,( 0 H),]’ ; 
(f) [H2Vi8044(N3)]=^; (g) [HV,, 054 (C 104 )]‘'’-; (h) [V34082]"’-. (Pcproduced by pertmsston 



[ 70 ] containing a citrate ion also exists in 042(N03)]*'’ (Figure 4 . 19 c). 

Treating V2O5 with UCO3 and later with hydrazine sulfate gives the compound 
Li7[V^'''vy036(C03)]-39H20. The V, 50^36 shell (Figure 4 . 19 d) contains the 

carbonate [ 69 ]. . 

Partial reduction of NH4VO3 by hydrazine sulfate in aqueous soluUon fonns 
[V,904 i(OH) 9]8NH4- IIH2O. Twelve octahedra V‘''Oe and six tetrahedra V O4 
form an ellipsoid surrounding a V'"04, tetrahedron which itself shares comers with 
four octahedra from the shell [ 71 ] (Figure 4 . 19 e). This compound heated^at 75 °C tn 
aqueous solution in the presence of NEt4BF4 and NaN3 forms [H2V3 V ,o044(N3)]- 
(NEt4)5 [ 72 ] (Figure 4 . 19 f). , 
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The hollow cage has D 2 /, symmetry and contains the Nj ions. If treated with 
NEt 4 CI 04 under the same conditions, the V,, compound fornis [HV'j''V y 4054 (C 104 )] 
(NEt 4 )f, [72] (Figure 4.19g). The hollow cage (symmetry Dzd) encapsulates the 
perchlorate ion. Finally, the reduction of KVO 3 at 90°C in an aqueous solution of 
hydrazine hydroxide forms K|o[V 340 g 2 ] Its cage structuie contains 30 
atoms of vanadium ]12V(1V), 18V(V)] in pyramidal 5-coordination, and contains a 
1 ^ 4 ^ 04)04 [73] core (Figure 4.1 9h). 

It is interesting to note that in these structures the encapsulated anions (C 104 ~, 
N 4 , NO 3 ) are not an integral part of the framework. Their position within the 
cavity is controlled by weak interactions with vanadium and oxygen atoms of the 
shell, which do not affect the crystalline structure [72j. There is no ionocovalent 
bond between vanadium and oxygen or between vanadium and nitrogen. In 
[H 2 V,r 044 (Ni) 1 '^~, the shortest N • ■ • O distancp are 3.05 A. In [HV 22 0 54 (C 104 )]'’ , 
the shortest V • ■ OICIO^) distances are 2.96 A. 

The [V'|' 2 ^^ 022 ( 0 H) 4 ( 0 H 2 ) 2 (Cf,H 5 P 03 )g]®” [74] anion exhibits an even more 
interesting structure. The shell contains CeHjPOj ligands (Figure 4.20) and traps 
two Cl”, two NH 4 ions and two water molecules. The ions form a planar cycle 
within the cage, and the distance between them are similar to that observed in the 
NH4CI lattice. Hydrogen bonds within the cavity appear to make a contribution to 
the electrostatic interactions creating the organized structure. 

From a strictly topological standpoint, this family of polyoxovanadates (Figure 
4 . 21 ) illustrates a very peculiar process of molecular organization in inorganic 
chemistry. Encapsulation of anions of molecules within shells themselves anionic in 
nature appears to influence and control the architecture of the system, and hence the 
u.sc of the terms ‘template’ or ‘guest-host’ supercomplexes, which are reminiscent 
of the chemistry of zeolites or of suprarnolecular organic chemistry [75]. 
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Figure 4.20 Structure of [V„022(0H)4(0H2)2(Cf,H3P03)8]® • (Reproduced by permission 
of VCM from ( 74 ] 




Figure 4.21 Simplified polyvanadic slructures built by template effect (lengths in A): 
(a) [H4V,8 042(X)]’”_(X = CI, Br or 1 ); (b) [HV,8042(N03)r”; (c) (H2V,g044(N3)f”; 
(d) [HV22054(C104)J® ; (e) [V34082]'° . Reproduced by permission of VCH from [ 72 ] 



The causes of this effect are not well understood at this time. This shell type of 
structure in which the building block is a pyramid is probably imposed by the large 
anions (halogen, nitrate, perchlorate, V 4 O 4 ). They are likely to combine the weak 
repulsion with vanadium-coordinated oxygen and the attraction with the cation 
itself. These interactions are possible because of the pyramidal coordination of 
vanadium and the (rans effect of the terminal V = 0 group. This type of structure 
does not occur with tungstate and molybdate, since both of them prefer octahedral 
coordination. 

, This architecture is probably possible because V(IV) and V(V) can have several 
coordination numbers. This results in strong magnetic and/or electronic coupling 
owing to the presence of V(1V) in d* electron configuration. Although the contribu- 
tion of such couplings to the overall energy of the system is small, they may 
influence the cohesion of the hollow sphere. This sphere does not form with V(V) 
alone, although this ion can also adopt the same pyramidal geometry as V(IV). 

4.3.2 IVIO(VI): IVIOLYBDATES; W(VI): TUNGSTATES 

At pH>7, molybdates and tungstates exist in solution as tetraoxo ions MOj”. 
Upon acidification, they form many polyanions [2,45,46]. These are complex 
systems and we shall limit our discussion to a few of the most stable compounds. 

Molydbates in solution reach equilibrium much faster than tungstates, which may 
take a few days or a few months at room temperature [45]. Thermodynamically 
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Figure 4.22 Protomelric tilration of [M 0 O 4 ]''' for different molydenum concentrations. 
Reproduced by permission of John Wiley & Sons from [2] 

Stable tungstates are formed only after many intermediate compounds are formed 
[46]. In both cases, 6-coordination is reached during acidification. A few polyanions 
of Mo(Vl) contain both M 0 O 4 tetrahedra and MoOe octahedra. Polyanions of W(VI) 
contain only WOg octahedra [45,46]. 



(a) Molybdic Polyanions 

A titration curve of a molydbate solution does not exhibit a clear equivalent point, 
only a rather flat equivalence zone around H'‘'/Mo= 1.5 [45] (Figure 4.22). This is 
due to the presence of many different equilibria and species in solution. 

The predominant species is a heptamolybdate (paramolybdate) formed according 
to the following reaction; 

7(Mo04]^" + 8H*‘ » [M07024)-” + 4 H 2 O 

This species has been the focus of many studies [46]. No intermediate compound 
with \ < n<l has been observed. Between. pH 5 and 3, this species coexists 
with its protonated forms [HMo7024]^"^ (pK = 4.4), [H 2 M 07 O 24 ] (pK = 3.5) and 
[H3Mo7024l^" (pK = 2.5). 

The paramolybdate structure is an assemblage of edge-sharing octahedra 
(addition mechanism) (Figure 4.23). One may consider that it derives from the 
structure of the decavanadate Mh, 0 ' 2 s, from which three octahedra would have been 
removed [76]. 
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Figure 4.23 Stmeture of a few molybdic ions 



The composition of more acid solutions (pH 2-3, H'^'/Mo=1.5) is even more 
unclear at this time. Investigations point to a series of protonated heptamolybdates, 
or a mixture of hepta- and octamolybdates [Mo8026]"*~ [46]. The latter has been 
isolated; its sti'ucture (/?-[Mo 8026 ]'^~) is also a derivative of the V)q 028 niotif from 
which two octahedra would have been removed [76] (Figure 4.23). It is possible to 
stabilize an a isomer of the octamolybdate in the presence of tetrabutylammonium. 
This polyanion contains a six-atom ring of octahedral molybdenum, capped on each 
side by two tetrahedral molydenum atoms (Figure 4.23). The addition of a cation 
such as K"*" triggers a — > /? isomerization probably by solvent structuring effects 
[46]. 

In non-aqueous media (DMF, DMSO), acidification of the molybdate forms a 
very compact hexa-condensed structure, [MoeOig]^” (Figure 4.23). This structure is 
common to many systems, [W(VI), Nb(V), Ta(V)j and contains highly deformed 
octahedra in which Mo-0 distances can vary greatly: Mo-p,cmiinai 1-68 A, Mo- 
Ohridging 1-93 A, Mo-Occntrai 2.32 A [46]- The metal atoms are, as is usually the case 
in most polyanions, strongly pushed towards the exterior of the structure. 

A very^ large polyanion condensed 36 times has been observed in a more acid 
medium (H'^/Mo=1.8) [77] (Figure 4.23). It probably exists in small concentra- 
tions only. This polyanion contains two identical Moi 8 units each made up of 
a crown of 1 1 molybdenum atoms suiTounding a M 07 group in which two Mo 
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atoms have a coordinatiort of 7. Both Mo,« are connected by four shared oxygen 

"‘Tuiigher acidification (H 7 Mo> 2), soluble polycations are forrned without the 
formation of solid phases 178,79). The molybdic hydrates obtained in ^Irong ac d 
media are described below. Upon the_ addition of a base, these compounc. 
decompose rapidly to form the )Mo04l^ monomer. 

(b) Tungstic Polyanions 

Acidifieation of tungstate in an aqueous medium leads to a large number of 
polytungstates [45,46], only two of which arc thermodynamically stable: 

. paratungstate B, condensed 12 times and formed at around pH 6: 

12[W04p^ + 14H '' [1-12^12042]'° -f 6H2O 

. Q.-metatungstate, also condensed 12 times but formed at around pH 4; 

12(W04]^ + 18H ' [H2W;204o]'’ -f 8 H 2 O 

These two polyanions represent the final stage of evolution for ac.dificat.on 
HVW=I.17 and 1.5 respectively. Paratungstate B crystallizes after 1-2 days 
room temperature. o-Mctatungstate is completely formed in 15 days at 50 C. 

Tie sZeture of these compounds (Figure 4.24) contains W30,4 Imear groups 
and W,0, , rings made up of edge-sharing octahedra. These groups share comers^ 
Z liZar greZ^s and two rings form paratungstate B; four rings form the 
a-mctatung,sLe Kcggin structure) [46,55]. In both cases, tritungstic groups form a 
cel cavly where Zo protons fit. The.se protons have been studied using neutron 
Tmetion and NMR [46]. They are attached to the most basic oxygen atom shared 
rite Ice oclchcdr, in ite ring, („-0 b.idges) In „-mcn„ungstee, .. .. no 
plsible to titrate the protons, and it is also impossible to exchange hem with 
llvent [80] since they arc not accessible. The internal protons of the para B are 

more acces,sible and can be exchanged with water [81]. . , , 

In the structure of «-meta, the four oxygen atoms in n, bridges form a tetrahedial 
cage which may only be occupied by P(V), Si(lV) or Ge(IV) to form Keggm- VPe 
heteropolyanions [45,46]. A few phosphatotungstates are described in Chapter 5 _ 
Both polyanions (para B, a-meta) are the product of a very complex 
transformations. Some intermediate compounds have only recently been c ai 

ized in solution, using and '^O [82,83] NMR. The sT 

due to the large differences in the reaction kinetics of several equ libria. Some 
equilibria are attained in .seconds or minutes, whereas others require days or weeks 

ASficcion of |WO,)’- a. a, tend pH 6 (H VW = r.l5; 8H*/7W) forms, ver, 
rapidly, paratungstate A, [W7O24I’ ■ 

7[W047 + 81T' — ]^> [W7O24]'' +4H2O 
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[yV04]2- + x H-*" aqueous medium 




Figure 4.24 Structure of a few tungstic ions 



The crystal structure of the polyanion, obtained from the piperidinium salt 
(C5 HioNH 2)6[W7024] [84], is similar to that of the paramolybdate. It has long been 
assumed that paratungstate A was an hexatungstate [45]. After a long controversy, it 
was established that its most probable form was that of an heptatungstate [84]. 
Although a hexatungstate [HjWfAzl^" has recently been identified in solution via 
IR and Raman spectroscopies, and characterized by XRD as a sodium salt, it seems 
to be present only in small concentrations [85] (Figure 4.24). This gives an idea of 
the number of possible species present in solution within such a narrow acidity 
range. It also illustrates the complexity of the equilibria involved. 

It is impossible to protonate para A (NMR peaks are stable as a funetion of pH 
[83]), at least until' pH 5.5, after which a transfomiation into para B occurs. The 
mechanism is probably very complex. 
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The formation of o:-mctcitiingstate in a more acid medium is not direct either. 
It seems to lake place after rapid formation of para A, which then transforms 
itself into an unknown species, tlie ^P-metatungstate. This compound would in 
turn form the /"Tmetatungstate isomer that would slowly transform into the stable 
a-metatungstatc. The a and /I isomers differ by a 120° rotation of one tritungstic 
group around the C3 axis (Figure 4.24), 

Tungsten and oxygen NMR investigations of the acidification of para B solutions 
[83] show that it adds an additional proton (pK^ = 4.59) to form [H3W;2042]^ • 
Previously, we described the presence of two protons on /X3-O bridges within 
the central cavity of the polyanion (sites a). The shift in NMR peak positions with 
the pH is very complex. It appears that the later protonation sites are predominantly 
b-type //2-O bridges which are internal to the polyanion, as, well as c-type 
external sites fjn-O (Figure 4.24). The existence of .several protonated isomers 
[H3W,2042l'^“ is also a source of speculation. Some carry three internal protons, 
with two of these on b sites, which causes the displacement of one of the protons on 
/X3-O bridges. The same phenomenon is observed with the decavanadate (Figure 
4,15), in which the second and third protonation stages modify all the protonation 
sites. Other isomers of IH3W 12042]^ would carry the third proton in rapid 
exchange on external c-type fti-O sites. The conversion from one isomer to another 
appears to be limited by the exchange of the proton between internal and external 
sites of the polyanion, 'fhese species are metastable. They evolve towards an 
intermediate compound lacking symmetry. This species seems to be a derivative 
compound of para B, [II7W , |04ol^“. resulting from the elimination of one WO5 
octahedron from one of the linear groups [83] (Figure 4.24). This species could be 
one of the intermediates responsible for the transformation into a-metatungstate or 
yellow decatungstate lW,o032l^^, the only colored isopolytungstate. 

The latter is formed in water in more acid conditions (H~^/ W > 1 .5, pH < 2), or in 
a weak ionic strength medium and/or in the presence of quaternary ammoniun 
cations [45] (Figure 4.24). The decatungstate is metastable in water and slowly 
transforms into a-metatungsta(e. It can be stabilixed in a non-aqueous medium 
(methanol, DMSO). Acidification of tungstate in methanol leads to a very compact 
hexatungstate [Wr,0,9]^" with a stnjcture similar to that of the molybdate, niobate 
or tantalate (Figure 4.24). The addition of water causes rapid transformation into 
decatungstate [W,„032l^^ (the half-reaction time is 8 min at 25 °C). The reverse 
transformation of decatungstate in methanol is much slower (/i/2 = 4 days at35°C). 
In mixed solvents (addition of water), both ions are at equilibrium [45,46]. 

Similarly to vanadates and molybdates, WOr, octahedra in polytungstates are 
very distorted [46]: in the rings, the W-0,ermi„ni bond is particularly short (1.70 A) 
and the W-OcemrM located in trans position is very long (2.26 A). The cation 
is shifted towards the exterior of the polyanion because of the tt character of the 
W~0( bond. This short bond creates a layer of oxygen atoms strongly polarized 
towards the inside of the polyanion owing to drr-prr interactions (as in ^ \q 02 s)- 
Hence, oxygen atoms arc poorly basic and limit their protonation. This prevents 
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subsequent condensation via elimination of water. One may also consider that, if 
condensation were to continue, it would become much more difficult for metal 
cations to move in order to reduce any repulsion: no edge sharing would then be 
possible. Therefore, the smaller the metal, the easier it is for interactions to relax, 
and hence the larger the number of edge-sharing octahedra per polyanion unit: 

Rv(v) > Rmo(vi) ^ RW(vi) 

[V.oOzs]®- [MogOaol"" IW7O24I® 

It is possible for larger tungsten and molybdenum polyanions to form, such 
as ([H2 Wi 204 o]^~ or [Mo360n2(H20)i6]®’*'), but they involve corner-sharing of 
octahedra in order to alleviate electrostatic repulsions between metal cations. 

It is important to stress an important difference between Mo(Vl) and W(VI). 
There are very few isostimctural polymolybdates and polytungstates: the para A 
[M7024]^~ and the compact hexa [M60]9]^~. Most molybdates are of the cis-dioxo 
type (two terminal oxygens in cis), whereas most tungstates are of the mono-oxo 
type (only one terminal oxygen per octahedron). Only the d^-dioxo tungstate (para 
A) is unstable compared with the molybdate. It is very difficult to understand tins 
difference in behavior. Since single M-0 bonds have the same length in tungstic 
and molybdic polyanions, (1.92 A), one would think, as Pope [46] speculated, that 
better orbital overlap would occur with tungsten, since the reach of the 5d orbital is 
larger than that of the 4d. The molybdates could therefore compensate the weakness 
of single bonds by an increase in the number of multiple tt bonds. 

The difference in electronic configuration also has interesting consequences 
regarding the possible reduction of the metal. The distortion of the WO^ octahedron 
imposes the € 4 ^ symmeti7 in the polyhedron because of the shortening of the W-0( 
bond. This bond is too short to exhibit a character and’ may be considered a double 
7T bond. A simplified molecular orbitals diagram (Figure 4.25) shows that, for this 
symmetry, the d^^^ orbital is still non-bonding, whereas in the case of molybdenum 
the same orbital is used to create a second tt bond corresponding to the cri-dioxo 
configuration. 

It is now easier to understand why the two-electron reduction is reversible in the 
tungstic polyanion: electrons occupy the empty d^, orbital. Its non-bonding character 
has little influence on the structure. However, in the cri-dioxo configuration, electrons 
must place themselves in the available orbitals, which are antibonding, causing 
important structural modifications and, in most cases, irreversibility of the reduction 
[86,87]. 

The reversible nature of the reduction in tungstic polyanions gives them an 
important role as catalysts. The polyanions ensure electi'on ti*ansfer during redox 
reactions in solution. The initial form is regenerated by reoxidation upon exposure 
to air [46]. The importance of polyoxometallateS in this field is strengthened by 
their high Bronsted acidity. The biological activity of some polyoxometallates also 
makes them good candidates for medical applications: heteropolyanions [88] are 
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Figure 4.25 Sirnplinccl molecular orbital diagram for a C,„ WOo complex m a lungslic 
polyanion 

particularly interesting since they form a large and diverse family ^ 

study of these compounds, although undoubtedly fascinating, would be beyond the 
scope of this book. However, a few phosphatotungstic polyamons are described m 

Chapter 5. 

(c) Solid Phases; Tungstic and Molybdenic Oxides and Hydrates 

The difference in behavior of Mo(Vl) and W(V1) in polyanions is also observed in 
,he solid hydrated phases. The greater versatility of tungsten is rehec ed in the 
larger diversity of its oxides, as nicely shown in work by Figlarz et ai [89, ]■ 

As in the case of the vanadates, ageing or heating of tungstic acid solutions o 
weak ionic strength (acidification by resin exchange) leads 

opaque solution and of a precipitate after a few hours. For ^ 

pale yellow precipitate is WO, -213,0. If Cw>0.7moll it is yf 

WOvH,© [91]. Tlie particles ob.served look like ordered P 

[92 93] (Figure 4.26). These hydrates are also obtained by acidification of Na O 4 
with concentrated HCl (HC1«3 mol r ‘) [94]. The W 03 - 2 H ,0 hydrate precipitates 
at room temperature and WO 3 H 2 O forms at 100 C. 

Acidificacion of fungsLa.c on n oanin imined.a.ely ““'J 
decaumgslalc in equilibrium wilh die oelahedral monomer fWOfOHiafOHiM • Only 
one mofecule of Jarcr ir pr.rcn, in fhe coordination aphere. in ,ro« poa.uon from 
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Figure 4.26 SEM micrograph of a turigslic gel of W 03 -H ,0 formed by acidification of 
sodium tungstate on a resin. From [92] 

the 0 X 0 group. This is different from what happens with the vanadate. Condensation 
along this axis is therefore blocked and the only possible reaction is oxoiation by 
two dimensional growth and the formation of bridges. The sheets obtained 

are piled on top of each other, in a more or le.ss ordered manner, and are bound 
together via hydrogen bonds between water molecules and oxo groups on each side 

of the tungstic sheets. 

M 0 O 3 2 H 2 O precipitates very slowly, after about 3 weeks, from a solution 
.sodium molybdate in concentrated nitric acid («4moir') at room temperature. 
Through dissolution of the hydrate in 12 mol I hydrochlonc, acid, followed by 
dilution to 3moir', M 0 O 3 H 2 O crystallizes. Both hydrates are made of sheets of 
corner-sharing octahedra and are isomoiphous of their tungstic homologues [89J. 
However their formation is more difficult since more brutal synthesis conditions 
are required for octahedra to share corners. This behavior is similar to the behavior 

of tungstic and molybdenic polyanions. ’ 

Hydrothermal treatment at 120 °C of a tungstic gel, or of a suspension of 
W 03 - 2 H 20 forms the hydrate W 03 - 1 / 3 H 20 . Depending on the nature o t e 
precursor'used, it forms either needles or platelets (Figure 4.27) [89,90]. 

The orthorhombic structure of the hydrate W 03 ' 1 / 3 H 2 O consists of planes of 
corner-sharing octahedra. These planes are slightly offset from one another and 
are eonnected by the corners of some octahedra. Some water 
the corner of some octahedra (Figure 4.28).. W03- 1 / 3 H 2 O, stable until 250 , 

dehydrates at higher temperatures to form the hexagonal oxide WOa^Ils structure is 
similar to that of the hydrate but the planes coincide on top of each other (Figure 
4 28) Therefore, the lattice contains hexagonal channels m which hydrogen or 
alkaline atoms can be inserted to form the family of hexagonal bronzes M.W 03 





(a) (b) 

Figure 4.27 WO^ I/ 3 H 2 O obtained by hydrothermal synthesis (a) as needles if obtained 
from tungstic gel and (b) as octagonal platelets if obtained Trom W 03 -H 20 . Reproduced 
from [90] Copyright 1989 with permission from Elsevier Science Ltd, The Boulevard, 
Langford Lane, Kidlinglon 0X5 1GB, UK 

[90]. Chemical intercalation of n-butylLi or naphthaleneLi(Na) is reversible until 
jc = 1 . Beyond this level, insertion forces the oxide to become amorphous. 

The pseudomoq^hous transformation of W 03 * 1 / 3 H 20 into hexagonal WO 3 
preserves the initial particle morphology. Although a direct paiental relationship 
could be seen between both phases, the transformation actually takes place via 
complete reconstruction of the structure [90]. Elimination of water forces the 
rearragement of W-0 bonds, but the organization of the bonds is similar in the 001 
planes in each phase, Therelore, the nucleation energy of the metastable hexagonal 
crystal is minimum and oxide nuclei appear first on the 001 . plane of the hydrate. 
The transformation proceeds via progressive and oriented displacement of the 
oxide-hydrate interface. Around 400 "C, hexagonal WO 3 Uansforms into mono- 
clinic WO 3 (Figure 4.28). This transformation is non-pseudomorphous but it also 
takes place via preferential orientation of the nucleation of the thermodynamically 
stable phase. 

Hydrothermal treatment at llO^C of a solution of molybdic acid obtained by 
acidification of molybdate on a resin or by dissolution of Mo 03 * 2 H 20 also causes 
the formation of the hydrate Mo 03 * I / 3 H 2 O. Its morphology is different from that 
of its tungstic homologue (Figure 4.29) but both are isostructural [94]. 

On the other hand, dehydration of Mo 03 -l/ 3 H 20 at 300''C forms the mono- 
clinic oxide M 0 O 3 . Transformation of Mo 03 -I/ 3 H 20 into the monoclinic oxide 
proceeds according to a mechanism of preferentially oriented nucleation and 
growth. However, in molybdic phases, the common arrangement of Mo-0 bonds is 
of the Re 03 type, which explains why the monoclinic phase of M 0 O 3 would have 
the lowest nucleation energy. Nevertheless, this phase is metastable and transforms 
at 400 '’C in the orthorhombic variety (Figure 4.30). In this structure, molybdenum 
exhibits the cA-dioxo configuration characteristic of the stable Mo(VI) polyanions. 
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Figure 4.28 Structures of tungstic hydrates and oxides: (a) WO 3 ■ 1 / 3 H 2 O (001) plane and 
connection between 001 planes; (b) hexagonal WO 3 with one-diniensional channels along 
the c axis; (c) hexagonal bronzx M,W 03 ; (d) monoclinic WO 3 ; (e) pyrochlore WO 3 (Ml 
planes) 



The difference in behavior between tungstic and molybdic hydrates and oxides 
probably stems from a difference in the tt interactions in the W-0 and Mo-0 
bonds [46,90]. 

The effect of the cations on the development of the structure is- clearly seen 
with tungsten, which forms, in the presence of Cs*^ or Rb^, a pyrochlore phase 
of tungstic oxide (M 20 )vW 20 o, with M — Cs*^, Rb'^' and 0.3<a'<0.5 [90]. The 



136 




Metal Oxide Chemistry and Synthesis 



Figure 4.29 Particles of M0O3 - obtained by hydrothenrial synthesis. Reproduced 

from [90) Copyright 1989 with permission from Elsevier Science Ltd, Ihe Boulevard, 
Langford Lane, Kidlinglon 0X5 1GB, UK 



Structure of orthorhombic MoO; 



synthesis involves heating an acid (pH 3) solution of sodium tungstate and cesium 

or rubidium carbonate at 90 °C. Another processing route involves boiling the 
carbonate/tungstate solution in polyethylene glycol with acetic acid [90]. The 
reaction is complete after 20 h. Heating paratungstate B (NH4)2Wi204i -5H20 under 
similar conditions forms the pyrochlore phase (NH40)o.5W20fi. Three-dimensional 
channels in the pyrochlore structure allow easy and complete exchange of the 
ammonium ions for the protons in an add medium. The Cs'*' and Rb+ ions are 
more difficult to exchange because of their size. Contrary to antimonic acid of 
similar pyrochlore structure (see Section 4.2.2), atmospheric water in the exchanged 
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phase WO3-O.5H2O is very mobile and weakly bound to the electrically neutral 
lattice [90]. 

Such examples of condensation of oxo-hydroxo and hydroxo species illustrate 
different types of behavior leading either to infinite networks or to discrete species 
(polyanions). Two parameters appear to be essential: the size of the cation and its 
ability to be a good tt acceptor. 

The latter parameter is a consequence of the ability of an element to involve low- 
energy, empty d orbitals in the metal-oxygen bond. Metal-oxygen tt bonds in 
which the oxygen loses almost entirely its properties as a base are therefore 
terminal bonds with no possibility of condensation to oligomers (polyoxoanions). 
This behavior is typical of transition metal oxides. For these elements, the size of 
the metal ion also limits the condensation: the small size of Cr(VI) forbids an 
increase in its coordination number. 

Elements such as Si(IV), Sn(IV), Ge(IV), Sb(V) and Te(VI), for example,' have 
sizes comparable with Mo(VI) and W(VI). However, they cannot form tt bonds 
with oxygen (no terminal oxygen) since they lack accessible d orbitals. Some 
polyoxoanions formed under specific acid conditions may protonate upon increased 
acidification, ajid may increase their condensation by aggregation or oxolation 
between particles. This leads to large chains or planar structures, or even networks 
of tetrahedra.(Si) or octahedra (Sn, Sb, Te). There is no short M-0 bond in the 
coordination polyhedron to hinder protonation and condensation. This might be an 
opportune time to point out the case of P(V): the presence of the P=0 double bond 
decreases the electrophilic character of the cation and prevents its condensation 
in solution. In addition, if the oxolation reaction is the only one to occur in 
solution, condensation is always limited and causes the formation of polyacids. The 
formation of solid phases is usually the result of a double condensation process, 
oxolation and olation. 

Although we have stressed the ‘aqueous chemistry’ aspect in this chapter, all 
condensation processes are influenced by some countercations and by the solvent. 
The few examples discussed here show that these factors are likely to open the way 
for new synthesis routes for many applications such as the control of the formation 
of oligomers by the cationic (or anionic) template effect. 
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Complexation and Condensation 



Up 10 this point, hydrolysis and condensation have been analyzed taking into 
account the role of aquo, hydroxo and oxo ligands in the coordination sphere of the 
cation However, some of these ligands can often be substituted by molecules or 
anions from the solution. The modification of the coordination sphere of the cation 
can strongly affect its behavior during condensation and precipitation 

Depending on the conditions of acidity and temperature, thermohydrolysis of 
hydrochloric or nitric solutions of Ti(lV) leads to the formation of either the rutile oi 
anatase forms of TiO^ (see Section 3.4.2). In a sulfuric medium, anatase is always 
obtained, under any experimental condition [1]. Thermohydrolysis of chiomiumfl ) 
in a perchloric acid solution gives soluble products only, whereas in the presence o 
sulfate, sulfate-free Cr 203 monodisperse particles are obtained [2]. Some anions a so 
have a significant influence on the size and the morphology of particles of a given 
compound (spheres, platelets, needles, etc.), as was nicely shown by Matijevic [3]. 

The role of anions is very variable because the complexation ol a cation can have 
varying efficiencies, and may take place at various stages ol hydrolysis and 
condensation. Anions or molecules possessing electron donor atoms (Lewis bases) 
compete with aquo, hydroxo or even oxo ligands to form the coordination sphere 
(inner sphere complexes). The stability of the complex depends on the relative 
nucleophilic character of the ligands under given acid-base conditions 

Polydentate molecules or anions (acid-alcohols, polyamines, aminocarboxylates), 
strongly bound to the cation by several coordination bonds, are able to toim veiy 
stable chelates, in particular with transition metal ions [4). Such ligands may 
replace all others and shield the cation from other reactants. In particular, the cation 
becomes almost insensitive to pH variations, in wide acidity ranges, and rennains 
soluble as a monomer [5,6], Some strong monodentate a donor ligands (NHj) and 
ol-n donors (CN") play a similar role. These ligands are well known and they are 
used very frequently in analytical chemistry in order to prevent precipitation. 

Some mono or polydentate anions can affect permanently only part of the 
. coordination sphere of the cation if they do not prevent hydrolysis and condensation. 
Phosphates, chromates, sulfates, carbonates and sometimes chlorides and niUates 
are good examples. They form basic salts in which the complexed anions are an 
integral part of the structure of the solid. 
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Under certain conditions, particularly in an acid medium, some anions or 
molecules are able to form a temporary complex with the cation, at specific stages 
of hydrolysis and condensation when the cation is in monomeric or oligomeric 
form. Even if the anion is not present in the final solid, complexation often guides 
the behavior of the purely aquo-hydroxo or oxo-hydroxo form of the cation, 
thereby influencing some characteristics of the solid such as structure, morphology 
and particle size. 

A similar effect is sometimes observed with weakly complexing anions that only 
form ion pairs with the cation (outer sphere complexes). Weak electrostatic interac- 
tions or steric effects may be responsible for important structural changes such as 
those observed in the template elfect or in vanadic polyanions (see Section 4.3.1c). 
Some cations play a similar role in the construction of anionic cages (silicates, 
Section 4.2.1), as they intervene by forming ion pairs and/or causing a particular 
structuring effect of the solvent (Section 1.1.3). Examples of these effects are 
discussed in the following sections, with the examples of iron an,d some phosphato- 
tungstic polyanions. 

If the anions are involved at the end of the condensation process, complexation 
takes place on the surface of the particles and therefore acts only on the stability of 
the dispersion (sol or flocculate) by affecting the structure of the electrical double 
layer (see Part 11). 

Examples of the influence of anions on the behavior of metallic elements are 
numerous in the literature. In this chapter, we shall briefly describe the role of the 
main physicochemical parameters in cation complexation. We shall give examples 
of some of the consequences of complexation on the behavior of cations in solution 
and on the characteristics of the resulting products. 



5.1 COMPLEXATION OF CATIONS 

The complexation of an aquo cation in solution by a X^' species of cooidination 
number a may be written as 

[M(0H2)J^" +«X'- +anH20 

The stability of the complex depends on the donor character of the various compet- 
ing ligands (Lewis bases). From a purely thermodynamic standpoint, the stability of 
the complex is' characterized by its stability constant K^: 

[MX„(OH2)La:,’q 

[m(0H2)^.1[x-1" 

The values of these constants have been published [4-6]. 

The stability constant of the complex is independent of the equilibria of other 
species in solution, and is not always representative of the effective complexation. 
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Indeed, anions are Bronsted bases and are likely to protonate, thereby losing their 
ability to coordinate the cation. Because of the acidity of the aquo ligand, hydroxo 
ligands may be better Lewis bases than the X''“ ligands. Frequently, the acidity of 
the medium affects the complexation equilibrium, and the acid-base reactions of 
hydroxylation of the cation and protonation of the X" anion become side leactions 
parasitic to complexation. Therefore, the complexation equilibrium ol the cation 
must be characterized by an ‘apparent’ or ‘conditional’ constant taking into account 
these parasitic reactions [6]. 

A quantitative analysis of complexation requires knowledge of the thenno- 
dynamic constants of all equilibria involved. Some data are available in the literature 
[4-6], but when it comes to the complexation of condensed species, very little data 
are in fact available. It is possible, however, to use a simple model in order to 
establish simple criteria allowing a qualitative description of the aptitude of a ligand 
to coordinate a monomeric or oligomeric cation. 

The complexation of an aquo^ metallic cation by a species X (monodentate of 
formal charge - I for sirnplification purposes) can be written as 

[M(OH 2 )^r X- [MX(OH2 ),v_:1'^“'^' +H 2 O 

This problem (see the Appendix, Section A.5) relies on the establishment of criteria 
related to the stability of the M-X bond in the complex. The overall approach is 

summarized below. 

First, the M-X bond must resist ionic dissociation. This means that the ligand X 
must be an electron donor (a donor) and therefore that its charge must be greater 
(less negative) than —1. This condition is not sufficient because the M-X bond 
must also resist protonation of the^'ligand or hydrolysis of the cation. Therefore, the 
charge of the protonated ligand mlist remain negative in the lollowing forms of the 
complex: 

(MX(0H2)^_,1<^-''+ [M(XH)(OH)(OH2);v^2F^'’' 

These eondilions may be expressed with the criteria 5(X) > ~ 1 and 5(HX) < 0 in 
the complex. If introduced in the expression of the average electronegativity of 
the complex [MX(OH 2 )^_il the criteria are converted (see the Appendix, 
Section A.5) into values of average electronegativity, xoiss and xiiyu, corresponding 
respectively to the ionic dissociation of the complex and to its dissociation via 
hydrolysis of the cation and protonation of the ligand X: 

x;(X)<XDi.s = x[M(OH,)^;M 
and 

X(HX) > XHyd = x[M(OH)(OH2)LL1 

The following is an example applied to the behavior of bidentate anions on Fe(III) 
as a function of medium acidity. 
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Table 5.1 Average ciilical electronegaliviiies for cornplexation of Fe(IIi) 



h 


Xllyd 




pHjlyJ 


XOiss 


pHois.s 


0 


x[Fe(OH)(OH2)';'l 


- 2.80 


- 1.9 


xlFe(OH2)^l = 2.90 


-4.8 


1 


x[Fe(OH)j(OH2)^l 


- 2.68 


X 1.5 


x[Fe(OH)(OH2)3*'] = 2.80 


-1.9 


2 


x1Fc(OH),(OH2)“] 


- 2.53 


x5.8 


x(Fe(OH)2(OH2)a = 2.68 


xl.5 


3 


xlFe(OH)4] 


= 2.34 


1 1 


xlFe(OH)3(OH2)‘’l = 2.53 


, x5.8 




pH 14 0 

Figure 5.1 Complexaiion ranges of the hydrolyzed forms of Fe(l[I) 



The overall equilibrium of cornplexation of iron by a ligand X is 

|Fe(OH),(OH2),_,l'^-">'- +X“ <l=> [Fe(OH);,X(OH2)4_j‘'-''>'‘ + 2H2O 

The limit values of xnyci and xoiss for various hydrolysis ratios are calculated in 
Table 5.1. 

Figure 5.1 shows the domains of electronegativity in which the ligands are likely 
to complex, the various hydrolyzed forms of iron(lll). [C104]~ can only lorn"i a 
complex with the h = 0 species of iron. For higher hydrolysis ratios, ionic 
dissociation takes place. This indicates that a stable bond can form in solution only 
between partners of reasonably similar electronegativity. Cornplexation of the 
cation by [C104]~ occurs only in a strongly acid medium allowing the existence of 
the most electronegative cation form, and hence the form most likely to accept the 
ligand ^ cation electron transfer. The h = 0 form of iron can also be complexed by 
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nitrate and sulfate ions, but not by the carbonate nor the acetate. Within this acid 
range, anions are protonated and these weak acids are eliminated. The complex 
is destroyed by hydrolysis. The h = 1 form could be complexed by the sulfate 
or carbonate ion. The h = 2 form can be complexed only by the sulfate and the 
carbonate. Both the carbonate and the acetate can form a complex with the — 3 
form. 

The relationship between average electronegativity and pH, applied to xoiss ^nd 
XnytU allows an estimation of the approximate acidity range of the cornplexation 
range (see the Appendix, Section A. 5). The sulfate, as [HS04]~, will fonn 
complexes with forms h ~ 0, \ and 2 of iron from very acidic media up to pH 3 
(Figure 5.1). Above pH 3, [S04]^“ will react on the h = 2 and 3 forms of iron. 

A generalization of this approach, taking into account the role of medium acidity 
on cation hydrolysis and ligand protonation, allows the design of electronegativity- 
pH plots which indicate the acidity range in which a cation (or one of its condensed 
forms) is likely to form a complex (see the Appendix, Section A. 5). 

It must be stressed that such diagrams are only qualitative. They allow a deter- 
mination of whether or not an anion may act as a ligand, but are of no help in 
describing the extent of the reaction, i.e. the amount of cation that has formed the 
complex. These diagrams must therefore be handled with extreme caution. They may, 
however, be useful, in the absence of thermodynamic data, to take into account 
possible cornplexation phenomena in a solution. 

5.2 BASIC SALTS OF ZIRCONIUM(IV) 

A few strong complexing ions are able to remain coordinated to the cation throughout 
hydrolysis and condensation. They are therefore included in the structures of the 
solid. Since these structures include ions other than oxo or hydroxo ions, they 
are called ‘basic salts’. In a way, these anions play a role in the formation of the 
network since, under similar acid conditions, no solid is formed in their absence. 
Most metallic elements form basic salts in nature, such as carbonates, sulfates 
and phosphates, which play an important role in mineralogy. A few structurally 
interesting zirconium(IV) compounds are discussed below. 

In an acid medium, zirconium exists mostly as the polycation [Zr4(OH)g^^ 
(see Section 3.2.3). One may consider, in a first approximation, 
that this species can form complexes with several anions in solution. The electro- 
negativity-pH diagram of the polycation is shown in Figure 5.2. 

[0104]““ ions are highly electronegative (x(C10^] = 2.85) and play no complex- 
ing role within the usual pH range, independently of the coordination. 

Cornplexation by chlorine takes place between pH 5 and II. In acid solution, 
both anions behave as counterions of the tetramer units of zirconium (Figure 5.3a). 

This is confirmed by XRD, which has. shown that crystals of Zr0C104 • 8H2O and 
ZrOCl * 8H2O are indeed made of [Zr4(OH)8(OH2)i6]^"* tetramers and ClO,7 or Cl“ 
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FiPure 5 2 Eleclronegalivky-pH diagram for ihe complexalion of [Zr^fOHlsCOH^),^] 
by monodenlale anions (solid lines) or bidcnUUe anions (doUed lines) 




anions are not directly connected to ^ 

=S==ESHSH5 

'17'mm OH HNO n , b^ill will, a in coordi, union 8 (dodecnhedia). lhemsd.es 
lf„M bi double OH bridges. Each .torn of eirconinm con.ains a biden.ale r.drale 
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group in its coordination sphere (Figure 5.3b). The chains are connected in the solid 
via other nitrate ions and via hydrogen bonds with water molecules [1 1,12]. 

The sulfate ion is more complexing than the nitrate and forms many basic 
salts over a wide pH range (Figure 5.2). In these salts, the various coordinations 
of the sulfate lead to networks of varying dimensionality. The basic sulfates of 
zirconium exhibit a very large structural diversity depending on the therrnohy- 
drolysis conditions. 

In an acid medium, for the hydrolysis ratio h = 1, the compound Zra(OH) 2 - 
(S 04 ) 3 (H 20)4 is obtained. In its structure, sheets contain dimers of Zr in coordina- 
tion 8 connected by SO 4 bridges. Each sulfate group is linked to three dimers. The 
double bridges on the dimers ensure connectivity between sheets [13] (Figure 5.4a). 

For a hydrolysis ratio h = 2, hydrated chains of pentagonal bipyramids sharing 
two edges are bridged by sulfate groups in the compound Zr( 0 H) 2 ( 0 H 2 )(S 04 ) [14] 
(Figure 5.4b). Upon elimination of a water molecule, the structure changes. In the 
compound Zr( 0 H) 2 (S 04 ). chains of antiprisms connected by edges and tetrahedra 
are connected by other sulfate groups [15] (Figure 5.4c). 

In a strongly acid medium, around hydrolysis ratio h = 0. sulfates will form 
instead of basic salts. Zr(S 04)2 ■ 7 H 2 O, stable at low temperatures, is made of 
Zr 2 (/t-S 04 ) 2 ( 0 H 2 ) 8 (S 04)2 dimers. The cation is in dodecahedral coordination 8. It 
is linked to two bridging and two chelating sulfates [16] (Figure 5.5a). 

At room temperature in Zr(S 04)2 ■ 4 H 2 O. the chelating sulfate groups become 
bridging. The structure includes sheets in which zirconium is in antiprismatic 




Figure 5.4 Structures of basic sulfates of zirconium; (a) Zr 2 (OH) 2 (S 04 ) 3 (OH 2 ) 4 ; (b) 
Zr( 0 H) 2 ( 0 H 2 )(S 04 ); (c) Zr( 0 H) 2 (S 04 ) 
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(b) 



Figure 5.5 Slructures of some /.irconium sulfaies; (a) Zr(S04)2 (b) Zr(S04)2 4H2O, 

(c) Zr(S0.,)2 H20 




Cr04 octahedra 




Figure 5.6 Slructures of basic -/.irconium clironiales: (a) Zr8(OH),o(CrO„)n (b) 

Zr(0H)2(Cr04) 



rn..tmn 8 il 71 fFiaure 5 . 5 b). At 100 °C, bridging increases at the expense of 
coord 1 nation rpon i u m is in 

- -7 /crs ^ w n new sheets are observed in which zirconium is m 

Sora^to’^ U 8 ]\Figu;e' 5 . 5 c). Above 300 ^C, dehydration is cornplete and 

bridging IS maximum in the three-dimensional compound 2^504)2 [ r 

Various basic salts are also formed by ™ 

formed around h = 1.25, includes chains of [Zr 8 (OH),o(Cr 04 ) 3 ] 

groups are both bridging include zirconium in 

In the solid Zr( 0 H) 2 (Cr 04 ), sheets of [Zr 3 (OH) 6 (VrU 4 ;i„ . .0 
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[ 20 ] (Figure 5 . 6 b). Both types of zirconium atom are connected with double OH 
bridges, and the sheets are connected by Cr04 letrahedra. 

These examples illustrate the gradual structuring role of anions as a function of 
their complexing nature; the CIO4- ion has no nucleophilic character and can only 
act as the counterion of polycations in solution. The tutrate, in certain circum- 
stances. allows opening of a cyclical polycation and the formation of independent 
chains. Chains and sheets are obtained with the sulfate and the chromate. 

5.3 COMPLEXATION BY THE PHOSPHATE ANION 

The complexing ability of the phosphate ion on metal cations is much more 
pronounced than that of the sulfate. The complex stability constants and solubility 
products are much higher than with the sulfate [ 4 - 6 ], and phosphate complexation 

occurs over the entire accessible pH range. 

Complexation of a metallic cation by an oxygenated anion such as the phosphate 
or the sulfate ions rnay be seen as a heterocondensation reaction. There is no 
fundamental difference between these reactions, which proceed following the same 
path of nucleophilic substitution and lead to the formation of 0x0 M-O--I(S) 
bridges. In Section 2 . 2 b, we discussed the fact that polyphosphates and polysulfates 
do not form in solution because the electrophilic character of the central element 
[P(V) or S(VI)] is too weak. This is due to the high formal charge and the small size 
of the element, leading to extreme polarization of the oxygen atoms. In addition to 
the four a bonds in the tetrahedron, these elements form rr bonds with oxygen. 
These bonds are made possible, in the Tj symmetry, by the overlap of the 2 p„ 
orbitals of oxygen with the 3d. (d,2.cl.,2-,2) orbitals of the phosphorous or the 
sulfur [ 21 , 22 ]. Chlorine in the perchlorate ion is in the same situation. For boron, 
the energy difference between the 2 p and 3 d orbitals of the cation is too large for tt 

bonds to occur in [B(OH)4] (Section 4 . 2 . 3 ). 

The formation of a system of tt electrons in the tetrahedron decreases the partial 
charge of the central element, as well as that of the 0x0 ligands, compared with a a 
system. They do not exhibit basic characteristics. However, hydroxo ligands of the 
anion can be'sufficienily nucleophilic to bond to a cation. The nucleophilic character 
of the hydroxo ligands depends on the number of tt bonds in the tetrahedron, i.e. on 
the formal charge of the element. The formation of complexes and of basic salts 
may therefore be understood as a condensation of bridging anions 

[P04_.(0H)J^^~''’“ or [S04-.(0H)JP^'^’^ 

with cations more or less hydrated. Depending on the pH of the medium, this 
reaction will be an olation or an oxolation. and the principles of condensation may 
be applied directly to complexation by polydentate oxygenated anions. Since there 
is only one tt bond in the PO4 tetrahedron, instead of two in the SO4 tetrahedron, the 
nucleophilic character of the phosphate is superior to that of the sulfate. The ability 
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f ^^mniPYPs is therefore greater. Moreover, the phosphate 

wrlSnS .he sulf.e is generally clicoordinaled. Fo, 

can be tn- or minerals. The same reasoning 

these reasons, phospl atesjre nucleophilic characters. 

explains why [CIO4! . f absence of a tt bond in Si04 

^tr foi,r„; descilhe a re« 

elements such as Sb(V) and W(VI). 

5.3.1 ZIRCONIUM 

Vr/'WPO'i -HnO written o;-ZrP, has attracted 
The acid phosphate of zirconium Zr(H 2O, framework 

;r :« r :: i—r^^peS: -■ J .e pL,.!,. . 

'1;':e1r:;:o:s",Sp^^ c»n ecnples dhconld™ .he 
ran^The addUion of ai.coninm .0 phosphoric acid ,n sohii.on l«,.h PO./Z, _ 




Figure 5.7 Structure of Q-Zr(HP 04 ) 2 ' H 2 O 
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to prevent the presence of basic salts Zr(0H),(HP04)2-,v/2l lorms a gel. The quasi- 
amorphous particles of the gel crystallize after rehux in concentrated phosphonc 

acid [23]. ■ u- 1 u 

The phosphate in the network allows the lormation of planes in which the 

zirconium is in coordination 6 owing to six phosphate bridging ligands, each PO4 
being coordinated to three metal ions (Figure 5.7). 

Neutron diffraction shows that each phosphoric tetrahedron includes an OH 
bond [24]. Therefore, it is the [HP04]^“ form that is involved in the formation of 
the solid, which may be thought of as being formed by precursors of the type 
[Zr(HP04)2(0H2)x]° condensing by olation. Cohesion between the planes is due 
to hydrogen bonds between the POH groups and the water molecules present 
between the sheets [25]. The interlayer cohesion is rather strong but also allows 
swelling of the material in aqueous solution, as in the case of vanadium gels 
and contrary to what happens in the case of antimonic acid gels whose framework 
is three-dimensional (see Section 4.1.3). The protons can be exchanged by various 
cations (alkalis in particular), but Zr(HP04)2 • H2O is a poor proton conductor 
(Ri 2 X 10“^ ficrn^* at 300 K) owing to the localization of the proton in the structure 
[26]. In the slightly more hydrated phases [Zr(HP04)2 • 3.6H2O], the mobility of 
protons is increased by the swelling and the solvation, and the conductivity increases 
(Ri 2 X 10”^r2cm^’ at 300 K). It remains inferior to that of antimonic acid 
(Ri 5 X 10"^ f2cm“‘ at 300 K) [26] in which the protons are highly mobile because 

they are not localized (see Section 4.1.3). 

Similar structures are formed by Hf(IV) and other tetravalent elements such as 
Ti(lV), Ge(lV), Sn(IV) or Pb(IV) [23]. Their stability in water is reduced because 
jy[_0-P bridges are prone to hydrolysis. Ce(lV) phosphate of similar stoichiometiy 
appears to form a different (unknown) structure, and the material is fibrous rather 
than lamellar [27]. 

5.3.2 ANTIMONATE 

Complexation of antimony(V) by phosphates leads, within some composition 
ranges, to the opposite effect to that observed with zirconium: the formation of a 
network is avoided, but phosphatoantimonic polyanions are formed. The presence 
of phosphate in, the coordination sphere of antimony no longer allows the presence 
of water. Therefore, condensation by oxolation alone is limited. In fact, the 
phosphate acts as a stabilizing or depolymerizing agent. 

The addition of phosphoric acid to freshly made antimonic acid (see Section 
4.1.3) prevents precipitation of the pyrochlore phase and allows stabilization of 
phosphatoantimonic high polymers as sols [28]. Incorporation of phosphates in the 
high polymers alters their crystal suucture [29] and leads to a significant reduction 
in their size and quantity, to the benefit of phosphatoantimonic polyanions. The 
ratio P /Sb = 0.5 is the threshold for the existence of high polymers m solution. The 
composition and degree of condensation of the polyanions are functions of the pH 
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Figure 5.9 Structure of (a) k3Sb30.,(P04)2 and (b) K3Sb305(P04)2 from data in [34] 
and [36] 

of the phosphate increases the number of possible structures of the isopolyanions. 
These structures have been studied by ^'P and NMR, and some have been 

examined by XRD. 

As with many other iso- and heieropolyoxometallates, phosphatotungstates 
contain fragments made of edge-sharing WOe octahedra. These fragments are 
connected by corners-sharing octahedra in many different ways. The WOo octahedra 
are always highly distorted. The length of the W-0 bonds varies from 2.4 A 
bridging oxygen) to 1 .7 A (terminal oxygen). The short bond, which has the 
character of a multiple bond, decreases the basicity of oxygen so that it cannot 
accept a proton. This limits the ability of octahedra to share edges and prevents the 
formation of large compact entities (see Section 4.3.2). In the more stable species, 
the PO 4 tetrahedron is most often tetracoordinated. The P-0 distances are usually 

identical in the tetrahedron and vary from 1.5 to 1.6 A. 

Many factors are involved in the solution equibria (see Section 4.3.2); the acidity 
of the medium, the nature of the acid, stoichiometry P/W, concentration, tempera- 
ture and the nature of the solvent and of the cations.. In addition, polyanions are vei 7 
labile and frequently lead to isomers. As a result, their chemistry is extremely 
complex, and the variety of species formed is so large that many have not been 
identified yet. Therefore, it is difficult to follow their transformations, but it is 
possible to attempt to describe the topology of the system. . 

Most phosphatotungstates belong to three structural types. The first type is that ot 
the Keggin polyanion a-[PW, 204 ol'" [39] (Figure 5.10). Its structure is analogous to 
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Fieure 5 10 Slrucliire of (a) a-lPW, 204 «]-''- (Keggin slruclure) 

„.?PW ,03.1- and g X-d'fPW.oO;.]- 

S: ;S Kgh. . 98 /le.ca„^Che™ca. Soci.y 

that of a-metatungstatc lH3W,204o!^- (Figure 4.24). but the central cage is occupied 
by the phosphoric tetrahedron linked on each corner to the four ^ 

of the Lge. The polyanion is formed by the addition of excess phosphoric ac d 
sodium tungstate Na^WOa dissolved in hot water, after the addition of hydrochloiic 
acid Crystallization occurs upon cooling of the solution [38aJ. 

There are five possible isomers of the Keggin a-polyanion, created by a tt/ 3 
rotation of 1. 2. 3 or 4 tritungstic groups and forming the /3, 7. ^ and e isomei 
respectively. The a form is the most stable because the cation-cation 'epuls.ons are 
mLimized and the drr-prr overlap is favored [37]. The 7 tsomer is rare and the 6 
form is unknown [the Al,, polycation (Figure 3 5) represents the e isomei where the 
four M30,3 groups have turned; the broadened A1 NMR signal indicates the s rong 
Lortion of the environment of cations owing to edge sharing between trimetallic 

very soluble in water. However, its stability range is limited 
(pH < 1). It is converted into a vacancy compound upondoss of tungsten atoms^ t 
is^ also parent to a family of heteropolyanions of similar structure to Keggin s. y 
alkalinization, it leads rapidly and irreversibly to the following species [40]. 

a-[PW,204„l- a-lPW,, 039 l'" Aa-[PW9034l'" 

[HP04]^' + [WO4 
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Figure 5.11 Slmctuie of the [P 2 W 5 O 23 ]* anion. Reproduced with permission Irom [42]. 
Copyrighl 1981 American Chemical Society 



Their structures (Figure 5.10) have been obtained for the most part from investiga- 
tions in solution [40] as well as from "'P NMR [41]. All species can be synthesized 
by direct acidification of mixtures of tungstate and phosphate ions [40]. 

The treatment of tungstic acid by cesium hydroxide followed by neutralization o 
the solution up to pH 7 by phosphoric acid leads to the compound CS6P2W5O23 
with the very surprising structure shown in Figure 5. 1 1 . It is made of a ling of edge- 
sharing WOa octahedra, except for two of them which share only corners. The 
phosphoric tetrahedra are tricoordinated [42]. Heated m water at 100 C. this 
compound rapidly forms the [PW,o036]- ion (Figure 5.10) which derives from 
Keggin's structure by a 7t/3 rotation of two tritungstic groups and the removal ot 
two octahedra [42]. These structural modifications reveal the great complexity 
of equilibria in solution and stress the importance of the nature of the cation. In 
the presence of sodium or potassium instead of cesium, the synthe^s leads to 
[PW9O34]’'. The second structural type is that of the a-[P2Wig062] polyaition 
(Dawson’s structure) [43,44] formed by connecting two Q-PW9 units by the corners 
of octahedra (Figure 5.12). It is obtained by refluxing sodium tungstate in the 
presence of excess phosphoric acid. In the P isomer, one polar group W3O13 has 
rotated by 60° [45.47]. Both isomers can be separated by fractional crystallization 
of the ammonium salts [38b]. 

After alkalinization. a-P2W,8 forms a senes of vacancy compounds through 
elimination of polar octahedra [46] (Figure 5.12); 

Q:-[P2Wi 8062]^ 4 Q-[P2Wi705,] 

Q-[P2W,5056]''" »[HP04]^ + [WO4I-. 

After the loss of equatorial and polar octahedra, q-[P 2 Wi 706,]'°" forms [H2P2W,2 
q^^^ 12- (Figure 5.12). In a lithium acetate/acetic acid buffer solution and in the 
presence of potassium ions exclusively, this ion causes the formation of crystals of 
K28Li5H7P8W480,84 [47], In fact, [P2W,706,]‘°^ and [H7P8W480,84] . ions form 
simultaneously during acidification of o:-P2W|2, following a series of complex 
equilibria involving several species and isomerization. 



156 



Meial Oxide Chemistry and Synthesis 




SXr- (^!S±L Wlii ,h= crown .re clrOwn .s dlip^ldo). RcpHn.ed «hh 
permission from [47], Copyriglil 1985 American Chemical Sociely 

The cyclical structure of [H 7 P 8 W 480 , 84 ]”- (Figure 5.12) is foi-med by the 
connection of four n units. The cycle contains eight potassium cations loca ed 
at varying distances (2.7-3. 1 A) from internal oxygens. The remaining charge of the 
cation is compensated by K" and Li^ located outside the 

does not form only in the presence of potassium ions, but also in the Fesenc 
of other alkalis (K+. Li + ). Potassium ions can therefore play a key role m th 
synthesis The phenomenon seems analogous to what is observed for polyvanad.c 
ciges (see Section 4.3.1c), and it is possible that its formation is due to a template 

""^The Preyssler anion [NaP 5 W 3 oOuo]'"' is another example of a phosphatotungstic 
cage [48 49] (Figure 5.13). The cycle contains a Na ion appearing to be essen la 
to Us formation. It is statistically distributed on two sites on the C 5 axis of the ring 
(Figum 5 13) Both sites are separated by 2.5 A and can be occupied simultaneously 
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(b) 



Figure 5,13 (a) Slrucuire of [NaP 5 W 3 oOno]'''- (b) fragment shown parallel to 

the C 5 axis. The arrows perpendicular to the C 5 axis indicate the planes whete sodium is 
located within the crown. Reprinted with permission from [49]. Copyright 1985 American 
Chemical Society 

by sodium only. The sodium ion cannot be exchanged by protons but may be 
exchanged by calcium after heat treatment at 120 °C for several hours. This anion 
appears to be a by product of the synthesis of P 2 W 18 [48]. 

The third type of phosphatotungstic compound is the polyanion [H 6 P 2 W 21 O 74 ] ■ 

Its structure derives from P 2 W 18 by the insertion of three 6-coordinated atoms of 
tungsten between the two PW 9 halves [50] (Figure 5.14a). ^ 

The three internal oxygen atoms in the equatorial plane and separated by 2.40 A 
interact and create a disorder in the positions of the three tungsten atoms to which 
they are connected (Figure 5.14b). One of these atoms (WJ is pushed out towards 
the outside of the polyanion and is coordinated to an internal oxygen atom that in 
fact belongs to a water molecule. The protons undergo slow exchange with the 
solvent and form hydrogen bonds with the two other oxygen atoms in the same 
plane [50]. Each of the two other tungsten atoms in the equatorial plane carry one 
coordination water molecule so that the global formula of the compound is 
[P2V/2i07i(0H2)3]^'- 

The polyanion is formed by acidification of a'KyPW 9034 or K 7 PWHO 39 with 
the stoichiometric amount of tungstate [38c, 40, 50]. Ihe piesence of potassium or 
aibidium is necessary [46]. The polyanion is stable in an acid medium (pH < 2) but 
degrades at higher pH into [P 2 W 2 oO?o(Obl 2 ) 2 ]*^ [P 2 ^i 9069 ( 0 bl 2 )] [40]. 

Their structure derives from P 2 W 21 by elimination of one and later two tungsten 
atoms joining the two PW 9 halves (Figure 5.14). 

In P 2 W 20 ions, one of the PW 9 groups undergoes a rotation of 60° (Figures 5.14c 
and d). The ions are also unique because coordinated water molecules are located in 
//■an,s--dioxo configuration on the tungsten atoms [40,51]. One of these ions (Figure 
5.14c) behaves as a tetradentate ligand of transition elements such as.Co , with 
cobalt occupying the tungsten vacancy [40], Owing to its structure, the other 
‘isomer’ does not form complex.es with metal ions. 







5., 4 or ,0. Iff ^LTSnrn' 

tungsten and oxygen atoms and wai^ei m nmnnunds (c) \?7'^2oOio{OH2h]^^ and (d) 

From [50] by permission. Structuie o vacancy c ^ .. 14 - ^^epioduced by permission 

IP W O (e) Proposed structure for [?2^ \ 9 ^ 69 {'^^ 2 )\ ■ ^ 

Korf N..i«ni *1. Recherd,. do Coood. trom 140| 



IP w n (OH,)!"' islliepcoducloflhealkali»izolioiiofP,W2„ataroomlpH7 

l5WoT»°hSL.io„ 0, rpH shgluly lowo, ,ha„ 7 of a foiling, do.c^ 
mixlote of longstale and pliospliaK in Ihe P"““' ° f°““‘“f,p,exes will, Co" 

(Figure 5 . 15 ). 
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Figure 5.15 Structures of (a) [PsWisOvsCOHlj]^”' (from [54] by permission) (b) 
lP,iWi 405 gj'^“ (reprinted with permission from [55]. Copyright 1988 American Cliemical 
Society), (c) [P6W|8079]“' (from [54] by permission) and (d) [P„W804u]'^^ (reproduced 
from [56] by permission) 

These poly anions are formed in concentrated solutions of mixtures of Nu2W04 
and Na2HP04 (ratio 3 / 1 ), acidified with acetic or perchloric acid in various 
solvents. Their structure is based on edge- and corner-sharing distorted octahedra 
and does not seem to be related to any of the previously described families. 
Although it is always possible to identify fragments of Keggin structure in these 
structures, they contain different tetra- or tricoordinated phosphoric groups. 

These examples of phosphatotungstic polyanions are a good illustration of the 
structural diversity caused by a tri- or tetrabridging ion such as the phosphate. Like 
antimonates in solution, the phosphate does not form networks because it forms 
complexes of high formal charge cations, which condense exclusively by oxolatioh. 
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This does not occur in the case of titanium or zirconium, which maintain their 
ability to condense, at least by olation, in spite of the complexation. In the case of 
antimony, the formation of basic salts means that condensation must be forced by 
heat treatment. This is also the case for polyphosphates, which can only be obtained 
by heat treatment of the acid forms, since polyphosphates are metastable in aqueous 
solution [57]. 



5.4 INFLUENCE OF THE ANION ON THE STRUCTURE OF 

THE OXIDE 

Unlike strongly complexing anions which usually form basic salts, some anions can 
force the oxide or the oxyhydroxide to form a specific structure, without even being 
present — at least stoichiometrically — in the final solid. Complexation takes place 
only at specific stages of precipitation. Two characteristic examples are discussed 
here: Fe(lll) and Ti(lV). 




5.4.1 IRON(lll) OXYHYDROXIDES 

The precipitation of ferric ions by the addition of a base or via thermohydrolysis in 
nitric or perchloric solutions leads to the oxyhydroxide a-FeOOH (goethite) or to 
the oxide a-Fe203 (hematite) (see Section 3.2. Ic). In Chapters 2 (Section 2.3.4) and 
3 (Section 3.2.3), we saw that the nature of the solid phase, as well as the size and 
morphology of the particles, depends largely on the experimental conditions (iion 
concentration, pH, temperature, ageing time and ionic strength of the medium). 

Precipitation of ferric chloride in solution (at an iron concentration higher 
than 4 x 10"^moll"‘) by the addition of a base or thermohydrolysis leads to the ■ 
oxyhydroxide /?-FeOOH (akaganeite) [58-6 la]. Us structure is a parent of goethite. 
Double chains of octahedra are present in both structures, but they connect 
differently (Figure 5.16). ^-FeOOH has much wider channels containing variable 
amounts of chloride ions [58,62]. Unlike basic salts where polydentate ions are 
usually incorporated in the crystal structure, they are not part of the structure heie, 
and can be exchanged with other ions [63—65]. 

The chloride ion does not have a very strong complexing character for iron [4-6]. 
EXAFS shows that two Cl“ in trans (distance 2.31 A) form the coordination sphere 
of iron with four atoms of oxygen (distance 2.0 1 A) in a weakly hydrolyzed solution 
33, ^ 0.3) [66,67]. The Cr ions are gradually displaced as the hydrolysis 

ratio increases. During the initial stages of condensation, Fe-Fe distances at 3.45 A 
and 3.01 A appear, corresponding to octahedra sharing Fe-O-Fe corners and Fe- 
(OH)2-Fe edges. These early stages are similar to what would occur in the presence 
of non-complexing ions (N0^,C104). At h > 2, no chlorine is detected in the 
coordination sphere of iron in the polymers. However, some Cl must remain 
trapped in the polymers and the chains formed by olation (see Section 3.2.3). In 



Figure 5.16 Slrucuires of (a) goelhile a-FeOOH and (b) akaganeite /i-FeOOH 

these chains, the charge of the proton on /i3-OH bridges, which is probably quite 
high and positive, may cause strong interactions and the formation of outer sphere 
complexes (Fe^“^)3-0-H‘^“^ • ■ ■ 01^^“. Therefore, hydrogen bonds cannot form 
between the polymer fragments. The large size (1.81 A) of the chloride ions could 
therefore lead, by steric effects, to a less compact chain structure than the one 
observed in goethite. The weak complexing nature of chloride on the hydrolysis 
products of iron(III) also explains why FeOCl oxychloride is practically not 
obtained by precipitation in conditions similar to that of the formation of /?-FeOOH. 
It should also be noted that the structure of FeOCl is very similar to the layered 
structure ot 7-FeOOH [62]. FeOCl is obtained by reacting o;-Fe203 with FeCl3 
around 400 °C in a closed container [68,69]. 

The oxyhydroxide /?-FeOOH is a metastable phase forming spontaneously during 
the early stages of precipitation of FeCl3. After higli-temperature ageing of the 
suspensions, dissolution-crystallization equilibria lead to the formation of hematite 
[60,67,68] (see Sections 2.3.4 and 5.5.2). 

5.4,2 TITANIUM OXIDES 

In the presence of chloride or titanium, thermohydrolysis around 100°C of acid 
solutions of Ti(IV) leads to the rutile or anatase forms of Ti02 (see Section 3.4.2). 
Strongly acid media (>2moll“‘) and a higher temperature favor the formation of 
rutile at the expense of anatase. It appears that anatase does form in the early stages, 
since statistically the most probable configuration of the coordination sphere of the 
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0.22 mol r’. Reproduced from [72] by permission 

precursors allows non coplanar edges lo be shared (Section 3-4.2). However, 
experimental conditions tend to favor dissolution-precipitation equilibria which 
allow nucleation of the tliermodynamically stable phase into perfectly spherical 
particles These particles grow with thermolysis time (Figure 3.19). 

In the presence of sulfate or nuoride in solution, the reaction produces anatase 
only as small irregular platelets. With the sulfate, their average size stays practically 
undianged during ageing. With fluorine, the particles are smaller but tend to grow 

during ageing [72] (Figure 5.17). tt r . 

Since thermodynamic data are not available, the electronegativity-p lagiam 
(Figure 5 18) shows that complexation of titanium by sulfate and fluoride ions niay 
take place in a strongly acid medium. It cannot take place with chloride ions. The 
zero--charge complex precursor is [Ti(OH 3 )X(OH 2 )„] (X = [HSO 4 ] ,F .), wit 
n = 2 or 1 if the ligand is bi- or monodentate respectively. 

With the monodentate fluoride ion. it is difficult to have two H 2 O ligands in 
nans allowing condensation of opposed coplanar edges. This mode of condensation 
is possible only with a bidentate ligand ([HSO,]) which leaves only one water 
molecule in the coordination sphere. As a result, only anatase can form. In both 
cases, this mechanism may only take place if the complexes are sufficiently s able 
Equilibria between various species are probably involved. Under these condition . 
it is difficult to know what is the precursor of the solid. Since the oxide a ways 
contains some amount of sulfate difficult to remove, it is reasonable to speculate 
that the complexes are rather stable and that the formation of the solid takes 
place by incorporation of the sulfated titanium complexes by olatiom This is 
also probably the case with the fluoride. Therefore, the complexing 10 ns of titanium 
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Figure 5.18 Eleciionegaliviiy-pH diagram for ihe complexaiion of Ti(IV) 



prevent dissolution— crystallization equilibria trom taking place, thereby stabilizing 
anatase. 

5.5 CONTROL OF THE SIZE DISTRIBUTION AND 
MORPHOLOGY OF OXIDE PARTICLES 

The production of monodisperse particles is very important tor industry (production 
of ceramics, catalysts, pigments, etc.) and for fundamenial investigations of the 
dynamic behavior and stability of dispersions [73-75]. Monodisperse particles are 
usually obtained if there is only one nucleation step followed by uniform growth. 
It is therefore necessary to control the kinetics of nucleation and growth. This is 
rarely accomplished when a base is added to a solution of metal ions. It is usually 
preferable to use thermohydrolysis, which does not require mixing reactants [75,76] 
(see Section 2.3). The essential parameters are temperature, heating time and pH. 
The examples below also stress the importance of the nature of the cation on the 
morphology and the particle size distribution. 

5.5.1 CHROMIUM OXIDE 

Monodisperse particles of hydrated chromium oxide Cr 203 can be obtained by 
prolonged heating around 75 °C of diluted solutions of KCr(S 04 ) 2 - I 6 H 2 O [2,77] 
(Figure 5.19). The specific role of sulfate is clear since, under similar conditions, 
chromium nitrate or perchlorate yield only soluble hydrolysis products. 

There are two disctinct kinetic steps during the process. First, a filamentous veil 
appears (Figure 5.19). Analyses show that it contains sulfates. Spherical oxide 
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Figure 5.19 TEM micrograph of thermohydrolysis products at 75 °C of KCr(S 04)2 
(4 X mol r', initial pH 3.7, final pH 3.3). Reproduced by permission of Academic Press 
from [2b] 

particles form later at the expense of the veil. The particles are sulfate-free and have 
a narrow size distribution. The complexing role of the sulfate towards chromium is 
therefore only temporary. 

The potential precursors of a solid phase are the zero-charge complexes 
[Cr(0H)(S04)(0H2)3]”, [Cr(OH)2(HS04)(OH2)2]“ imcl [Cr(OH) 3 (OH 2 ) 3 ]"- The 
sulfated complexes are stable (x= 2.653,5(504)= — 1 .25, 5(HS04) = —0.97) and 
may condense by olation, with a maximum functionality of 1 or 2, to form linear 
polymers. As they entangle, they form the filamentous veil. In polymers such as 
[Cr(0H)(S04)(0H2)2]!| (which contains M2-OH bridges) and [Cr(0H)2(HS04)]“ 
(which contains 2/.i2— OH bridges): 

O, ,0 0^,0H 

O, /O 0^,0 

-OH-^Cr-OH- -OH-Cr-OH- 

H2O '"OH2 --HO OH- 

X = 2.688 5(504) = -1.18 X= 2.745 6(H504) = -0.73 

complexation of chromium by the sulfate must remain effective, as shown by the 
partial charge on the sulfate ligands. 

As the polymers precipitate, the chromium concentration in the solution 
decreases, and most notably the concentration in [Cr(OH)3(OH2)3]°, which becomes 
unable to form the oxide by homogeneous nucleation. Heterogenous nucleation may 
therefore take place. It occurs by reaction with the sulfated polymers but requires 
elimination of the sulfate. Indeed, talcing as an example the dimer produced by such 
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a reaction 

OH OH 

0.^ ^o^Loh^1/OH2 

^5. .Cr /Cr 

O O I'OH i ''OH, 

OH 2 OH 

a HSO 4 ligand [x = 2.597, 5(H504) = -1.11] loses its ability to form a complex 
(5 < — 1). The sulfate is gradually removed during dissolution and the crystal- 
lization of sulfate-free oxide nuclei takes place on the surface of the polymer. The 
initial precipitation of the sulfated polymers allows regulation of the nucleation 
of the oxide by limiting the quantity of soluble species. The growth of the nuclei 
takes place in a uniform and isotropic manner and results in the formation of 
monodisperse, spherical particles. ■ 

5.5.2 IRON OXIDE 

When particles of the same oxide can exhibit various morphologies, this is 
frequently the result of temporary complexation. Matijevic [3,60,73,76,78] has 
described these phenomena. An excellent example are the various morphologies of 
hematite (a-Fe203) particles formed by thermohydrolysis of acid solutions of 
chlorides, nitrates or ferric perchlorates [60] or of alkaline solutions of iron chelates 
with triethanolamine [78a, b] (Figure 5.20). Additional examples are shown in 
Figures 2.12 and 2.13. 

As a rule, it is difficult to predict the effects of experimental conditions (pH, 
temperature, concentration, type of anion, etc.) on the morphology of the particles, 
because the factors that most strongly influence the preferential growth of one crystal 
face rather than another are difficult to comprehend. The photographs in Figure 5.20 
show that Q:-Fe203 particles are increasingly anisotropic as the complexing nature 
of the anion increases. 

It seems that complexation plays a role both during the nucleation step (regulation 
of the amount and nature of the precursors in solution) as well as during the growth 
stage. 5ince the oxide is free of complexing anions, it is likely that complexation 
takes place only on the surface of the particles (see Chapter 7). The most complexed 
faces must be less able to attach additional matter during growth, which results in 
these faces being larger than the less complexed ones. 

Thermohydrolysis of ferric chloride solutions causes the formation of acicular 
particles of 0-FeOOH initially (see Section 5.4.1). At iron concentrations of 
2x 10“^-4 X 10“^ mol P*, they slowly transform by dissolution-crystallization 
into spherical or ellipsoidal particles of a-Fe203 [61,70] (Figures 5.20, 5.21 and 
2.12). The chloride ions are not complexing enough to cause preferential orientia- 
tion during the growth of the highly anisotropic particles. The size and morphology 
of the hematite particles are more dependent upon the size and aggregation of the 
initial particles of /3-FeOOH which act as substrates for heterogeneous nucleation 
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(a) (b) 




by permission of E. Maiijevic 



1701 At a high chloride concentration, iron complexation must be too important and 
the recrystallization equilibria of hematite are no longer involved. Akaganeite is 

only phase obtained during ageing of the solutions [61^ nrncess 

In the presence of nitrates, hematite forms according to a different process^ 

Ther„,oh,<lrol,sis li,.. forms goe.I.ile f >' 

crystallization of the remaining iron as hematite, after 3 h at 100 
cm"^ F^(N 03 ) and_5xl0-moir HNO goeth,^ 

represents 48% of the solid, whereas there is only 8% left after 32 w en ir 
has almost completely precipitated [61b]. The particles are about 0.5 pm long 
a d 0 3 pm widi with L aspect ratio of 1.6. Electron diffraction confirms he. 
composite nature. Towards the extremities, the diffraction pattern conesponds to 
monocrystalline hematite, whereas the pattern for the center of the particle shows 







Figure 5.21 Formaiion steps of spherical particles of a-Fc 203 by liie therinohydrolysis 
at 100°C of FeCl 3 solutions (0.02 mol 1"'); (a) on.set of turbidity (/ii-FeOOH); (b) after 5 h; 
(c) after 1 day; (d) after 2 days. Reproduced from [61] by permission 



goelhite 



hematite 



growth directions 

Figure 5.22 Anisotropic growth of hematiie on a goethite nucleus. From [61b] 



additional spots due to goethite [61b]. Thermohydrolyis under similar conditions 
but for more diluted solutions (6 X 10 ^moll ') yields hematite exclusively, but 
the particles are heterogeneous in shape. The ellipsoidal morphology of hematite 
does seem to be the result of a template effect caused by the goethite formed 
originally. Heterogeneous nucleation and growth of hematite take place on an oblong 
nucleus of goethite (Figure 5.22). 

A similar mechanism is probably responsible for die formation of the doubly 
ellipsoidal panicles of hematite seen in Figure 2.1 2d. The large initial particles of 
/?-FeOOH act as a substrate for recrystallization by heterogeneous nucleation. 
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Figure 5.23* Formation steps of ellipsoidal particles of a-Fe ,03 by the thermohydrolysis at 
100°C of FeClj solutions (0.02 mol 1 ') containing KH 2 PO 4 (4.5 x 10 )■ 

of turbidity (/3-FeOOH); (b) after 2 days; (c) after 4 days; (d) after 6 days. From [61] by 

permission 



Hematite form.s at the expense of ^-FeOOH but the dissolution-crystallization 
equilibria are not able completely to resorb the akageneite m the presence of a high 

concentration of chlorides [70]. , 

The anisotropy of the hematite particles is more pronounced m the presence ot 
phosphate (Figure 5.23). The aspect ratio reaches 6 (Figure 5.23d) and increases 

with increasing phosphate concentration [61,71]. 

The process also starts with. the formation of ^-FeOOH parucles, but the growth 
of tt-Fe 203 particles during dissolution-crystallization is limited by adsorption of 
the phosphate. Cancellation of the surface charge (Chapter 7) causes aggregation of 
the particles in a direction parallel to their long axis. Aggregation, which causes 
interactions between surfaces and their desolvation, as well as medium acidity are 
factors favoring the slow desorption of the phosphate. This causes the recrysta - 
lization of tactoidal polycrystalline aggregates into monocrystals [61a, b]. The 
monodisperse characteristics of a-Fc 203 particles obtained from aggregation 
phenomena remain difficult to explain. 

A complexing ion such as the citrate also allows, in small concentration (Cit/Fe 
<0.1mol%) the formation of hematite particles. The particles are obtained by 
thermohydrolysis of feme chloride solutions and exhibit a well-controlled cubic 
morphology [79]. However, because the citrate forms stable and charged iron chelates, 
high citrate concentrations cause the dissolution of the hematite particles [80,81]. 
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5.5.3 ZINC OXIDE 

Control of the morphology of oxide particles depends on the kinetics of formation 
of the zero-charge precurors, i.e. on the hydrolysis and condensation steps. The 
nature and the amount of complexing cations in the solution are also important. For 
elements of charge +111 and +IV, kinetic control is attained by thermohydrolysis or 
forced hydrolysis. In this process, cation hydrolysis is carried out by water itself 
through an increase in temperature (see Section 1.4) in order to obtain a negative 
change in the free enthapy of the reaction. For elements of formal charge +11 in an 
acid medium, the temperature required to obtain deprotonation of the aquo cation 
would be too high. Control of the kinetics of the reaction can be achieved through 
generation of controlled amounts of a base into the medium, or through the slow 
release of metal cations in a basic solution (see Section 2.3). This can be done by 
thermal decomposition of compounds like urea, formamide [76] or soluble metallic 
chelates in an alkaline medium (Figure 5.20). The production of zinc oxide particles 
by thermal decomposition of hexamethylenetetramine complexes is an example' of 
the technique [82] (Figure 5.24d). 

ZnO wiirtzite is obtained as prisms and needles. In the presence of a strongly 
complexing ligand such as hexamethylenetetramine, the chloride or nitrate ions 




Figure 5.24 Change in the morphology of ZnO single crystals formed in a solution of 
Zn(N 03)2 (0.05 mol r^) and hexamethylenetetramine (0.05 mol 1“') heated at lOO^C: (a) 
onset of turbidity; (b) after 3 min; (c) after 7 min; (d) after 30 min. Reproduced from [82] 
with permission 
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from the initial salt have very little influence on the characteristics of the particles. 
Both morphologies can be obtained in similar concentration and temperature 
conditions, and therefore they are probably strongly affected by kinetic factors only 
[82], It is interesting to point out that spheres are formed at the beginning of 
thermohydrolysis (Figure 5.24a). They aggregate and appear to coalesce to form 
embryos of elongated crystals (Figures 5.24b and c). These embryos grow by 
dissolution-crystallization (Figure 5.24d). Under slow kinetic conditions (low 
temperatures, in particular), prismatic particles with clearly defined faces are 
favored at the expense of cylindrical acicular particles. Some prisms formed by 
thermohydrolysis at 80 °C transform into needles after heating at 100°C. 

5.6 SYNTHESIS OF POLYMETALLIC OXIDES 

Using several examples, we have established that rigorous control of the chemistry 
of cations in solution permits the modification of the characteristics of the final 
products. When several cations are involved, problems are far more complicated 
because polycondensation of different elements can only take place if several 
specific conditions are met simultaneously. From a thermodynamic point of view, 
mixed compounds should be more stable than the compounds formed by each of the 
cations. From a kinetic point of view, the mixed phase must form at least as rapidly 
as the phases formed by each cation. Each cation must also have similar condensa- 
tion rates. Incorporation of several elements in one network, without bringing in 
high activation energies since the reactions occur at low temperatures, imposes 
criteria on size, coordination and charges that are probably more stringent than a 
high temperature dry process would impose. 

Coprecipitation of different cations sometimes leads to the thermodyanically 
stable mixed oxide, or to metastable mixed phases. It also often leads to segregation 
of metallic elements in separate phases. The activation energy required for crystal- 
lization of the mixed phase must be provided by heat treatment, as in the classical 
routes of solid state chemistry. However- there are a few advantages to working 
in solution. Precipitation most likely would produce nanometer-size particles. 
Small-size powders tend to make homogeneous mixtures, and the particles are very 
reactive owing to their large surface area. Even if the synthesis per se requires heat 
treatment, lower temperatures and lower processing times are usually required 
compared with the use of micrometer-size powders. In addition, grinding of coarse 
powders is avoided, which also prevents contamination issues. 

The complexation of cations in solution plays an important role iji the synthesis 
of polymetallic oxides. It can allow an adjustment in the reactivity of different 
elements via a modification of their coordination sphere or, more simply, by bringing 
together cations in complexes. 

This would ease the formation of mixed oxide phases during hydrolysis and 
condensation. A few examples are described below. 
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Figure 5.25 Spinel structure. A, B and C are conventional designations of the oxygen 
planes 

5.6.1 SPINEL FERRITES AB 2 O 4 

The spinel structure a"b "^204 (Figure 5.25) is formed by many pairs of elements 
A and B [83]. The structure is called normal or inverse, depending on whether the 
divalent cations occupy the tetrahedral sites or some octahedral sites of the oxygen 
f.c.c. network, respectively (see Section 3.5). This type of oxide usually exhibits 
interesting ferrimagnetic properties resulting from antiferromagnetic coupling 
between the magnetic moments of the ions on the tetrahedral and octahedral 
subiattices [84]. These materials are used as a magnetic recording medium. 

Magnetite Fc304 is easily formed by coprecipitation of ferric and ferrous ions in 
stoichiometric ratio (see Section 3.5). Although Fe^'^’ and Fe^"*' have very different 
acid-base characteristics [85], the spinel is formed almost immediately upon 
coprecipitation by a base [86, 87]. We have seen that electron delocalization 
plays a role in favoring the spinel structure and seems to be the ‘catalyst’ in the 
crystallization process. Electron transfer also appears to be involved in other 
preparation routes of magnetite: oxidation of ferrous hydroxide gels in an alkaline 
medium by air or nitrate ions [88,89], adsorption and reaction of ferrous ions 
on lepidocrocite 7-FeOOH [90] or maghemite 7-Fe203 [91] and adsorption of 
fenic ions on magnetite, itself [92] (see Chapter 9). The required presence of 
divalent and trivalent cations in the formation of the spinel stmcture explains 
why maghemite 7-Fc203, whose structure contains only ferric ions, cannot be 
formed by a direct precipitation route. 7-Fc203 can be obtained under various 
experimental conditions from oxidation of magnetite (see Chapter 9). It can also 
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be obtained by reduction with hydrogen from hematite, followed by reoxidation 
[93]. This technique offers the advantage of preserving the morphology of the 
hematite particles, which allows the fabrication of acicular particles of high 
coercive field, particularly useful in magnetic recording media. However, these 
particles exliibit microstructural defects (mosaic crystals, porosity) which affect 
their performance. 

The synthesis of M‘'Fe204 ferrites by coprecipitation of Fe^*^, Co^”*’, Ni^*^ 
or Mn^*^ ions is possible within the 50-1 00 °C temperature range [94-97]. 
Crystallization of the spinel is not immediate as in the case of Fe^*^. It involves 
dissolution-recrystailization processes from a poorly organized or amorphous 
precipitate consisting of hydroxides of the bivalent cation and feme hydroxyhy- 
droxide [96,97]. The lack of electron mobility between Co^’*’, or Ni^*^ and 

Fe^*^, owing to the redox potential of Fe^'^/Fe^'*’ being inferior to that of 
is probably responsible for the slow crystallization. 

Coprecipitation of ferric ions and divalent ions such as Mg^*^, Cd^*^, and 

Pb^"*^ does not lead to the spinel structure, but to M(OH)2 and the oxyhydroxide 
FeOOH [98]. The synthesis of the spinel requires heat treatment of the correspond- 
ing hydroxides or carbonates. Spinel fenites partially replaced with divalent 
elements are prepared indirectly by precipitation of Fe^*^ and as hydroxides, 
followed by oxidation of the suspension at 65 ""C in air [99-103]. The stoichio- 
metric phases are never obtained, however, except in the case of zinc. Precise 
conditions of acidity and composition (M^"''/Fe^'^) must be chosen in order to 
prevent precipitation of hydroxides or basic salts of the divalent element and 
formation of the oxyhydroxide a-FeOOH. 

Replacement of Fe’^ '^ by Cr^*^' in the octahedral sublattice of the inverse spinel 
structure cannot be achieved during coprecipitation of Fe^*^, Fe^*^ and Cr^"^ . It may 
be achieved by forming a gel containing a mixture of the hydroxides M(OH)3 in an 
alkaline medium. The mixed oxide CrtFe2_.i-03 is precipitated by hydrothermal 
treatment of the gel, followed by heat treatment around 400 °C under hydrogen 
[104]. The chromium present in the starting gel is not entirely incorporated in the 
ferrite particles. The chromium content seems to be a function of the heat teatment 
time of the gel. This is probably due to the difference in crystallization kinetics 
between iron oxides and chromium oxides, which might cause heterogeneities in 
the composition of the spinel. A similar chrome-substituted feixite is formed from 
thermal decomposition of the mixed oxalate complex (NH3)3[Fei„yGry(C204)3]3- 
H2O [105-107]. Low-temperature reduction of the solid solution (Fei_^Cr^)203 
under hydrogen forms the mixed spinel. 

The difficulties in synthesizing the mixed spinel seem related to both thermo- 
dynamic and kinetic issues. Hydroxides (and/or basic salts) of divalent elements are 
more stable than the ferrite at low temperatures. The large reactivity' difference 
between iron and chromium explains the rapid crystallization of iron oxides or 
oxyhydroxides compared with the chromium compounds, as well as the segregation 
of both elements. 
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Figure 5,26 Structure of barium hexaferriie Bahei20iy. R and S blocks with an asterisk 
have rotated by 180° around the c axis 



5.6.2 HEXAGONAL FERRITES BaFGT20Tg 

Hexagonal ferrites (or hexaferrites) are magnetic oxides containing several blocks 
in their structure [62,108]. The BaFei20i9 structure (Figure. 5.26) contains blocks 
of half unit cell of spinel (blocks S) connected to blocks containing three layers of 
h.c.p. oxides (blocks R). These blocks do not belong to a particular structural type. 
They simply link the S blocks together. In other types of hexagonal fenites. T 
blocks containing four layers of h.c.p. oxides also act as links between S blocks. 
Changing the stacking sequence of two or three types of block leads to an entire 
family of hexafemtes, the most simple of which is BaFei 20 i 9 . 

In these structures, iron is in coordination 4 and 6 in the spinel blocks, and in 
coordination 5 and 6 in the R blocks (Figure 5.26). These compounds are ferri- 
magnetic. In BaFei 20 i 9 . magnetization is unaxial and parallel to the c axis of the 
unit cell. The high magnetocrystalline anisotropy of hexaferrites is responsible 
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for their high remanent magnetization and high coercivity, i.e. high resistance to 
demagnetization. These materials are used in the fabrication of permanent magnets 
[109]. 

Conventional synthesis of BaFei 20 ig requires a high temperature (1100 C) 
reaction between iron oxide and barium carbonate. The material is shaped 
after grinding and sintering at 1200 °C. This process causes the creation of many 
defects in the stoichiometry or in the stacking sequence. It also causes local 
precipitation of FejOj which decreases the coercive forces [109]. To avoid such 
problems, it is possible to synthesize the material at lower temperatures from 
solutions. 

Coprecipitation of ferric chloride in excess NaOH and in the presence of baiium 
carbonate forms a mixture of mixed hydroxides and basic carbonates which, 
upon calcination at 710°C, form the barium ferrite. The magnetic properties are 
optimized by subsequent heat treament at 950 °C. This method produces platelet- 
shaped particles with an average size of 0.3 pm [1 10]. Another technique involves 
oxidation of feiTOUs oxalate by hydrogen peroxide in the presence of excess oxalic 
acid. The addition of barium carbonate (Ba/Fe = 1/12) forms mixed complexes of 
Fe^+ and Ba^+. The complexes are destroyed in an alkaline medium (carbonate 
buffer) and form a mixed hydroxide gel. The hexaferrite crystallizes as circular 
platelets after heat-treatment at 700°C [1 10]. 

The easy magnetization axis of the platelets is perpendicular to the large faces. 
Micrometer-size (0. 1-0.3 pm) particles allow the fabrication of high-density 
storage materials which use the vertical component of the magnetic field of 
the recording head. For longitudinal recording, acicular particles with the easy 
magnetization axis parallel to the axis of the needle are more suitable, but this 
morphology is not frequently found in hexaferrites. An indirect technique can be 
used to obtain such materials starting from acicular particles of goelhite a-FeOOH. 
A gel of these particles is treated with barium ethoxide Ba(C 2 H 50)2 in alcohol. 
Elimination of the alcohol upon reaction of the alkoxide with the hydroxyl groups 
on the surface of goethite causes adsorption of the barium, Upon heat treatment, 
barium diffuses inside the particles and crystallization of hexaferrite occuis at 
750°C, preserving the morphology of the starting particles [110,111]. 

5.6.3 PEROVSKITE OXIDES ABO 3 

Many compounds of perovskite structure (Figure 5.27) exhibit intersting feiro- or 
piezoelectric properties. They are widely used in the fabrication of multilayer 
ceramic capacitors (BaTiOi, PbTi 03 , PbZri_(TU 03 , PbFeo. 5 Nbo. 5 O 3 , etc.) [112]. 
Some perovskites such as PbZro. 5 Tio. 5 O 3 ^nd (Pbi_j:La(Zr^Ti|_^)i _(7403 exhibit 
electro-optic properties used in the modulation of light by an electric field. LiNb 03 
exhibits non-linear optical properties [113]. 

Traditional synthesis of BaTi 03 and of many other titanates involves grinding 
and calcination above 1000 °C of titanium oxide and barium carbonate [112,114], 
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Figure 5.27 Perovskite structure ABO 3 



The main difficulty is in avoiding the formation of the very stable pyrochlore phase, 
which lowers the dielectric performance of the material. This is why many 
parameters such as the stoichiometry of the mixture, the method and duration of 
grinding (i.e. the particle size) and the duration and temperature of heat treatment 
are involved in the process. Abrasion ot the grinding medium causes unavoidable 
contamination. High sintering temperatures require the use of expensive heating 
elements, palladium for example, in the fabrication of capacitors. Although some 
improvements have been made in solid state synthesis [114], other methods based 
on coprecipitation of titanium and barium now allow the synthesis of the perovskite 
phase at much lower temperatures, with higher purity and as small particles. It is 
possible to fabricate thin films for capacitors simply by depositing the suspension or 
the gel on the metal electrode. The small particle size allows sintering at lower 
temperatures with inexpensive copper or nickel electrodes. 

A possible synthesis route is the formation of mixed titanium-barium complexes 
such as oxalates or citrates [115,116]. These anions are able to form complexes 
with many metal cations, allowing their simultaneous dissolution and homogenous 
precipitation at the molecular scale. A mixed citrate BaTi(C 6 H 507 ) 3 - 6 H 2 O 
crystallizes by the acidification at pH < 2.6 of a solution of both citrates, at any 
stoichiometry [116]. Thermal decomposition of the compound leads, after many 
steps, to the formation of BaTiOg between 600 and 700 °C. It is interesting to note 
that the pyrolysis forms barium carbonate at 360 °C and a BaC 03 -Ti 02 mixture 
around 500 °C (identified by XRD and TGA). This shows that barium titanate does 
not crystallize directly upon heat treatment of the coprecipitate, but that the stable 
phases (barium carbonate and titanum oxide) form first. The perovskite appears by 
solid state reaction at 700 “C. a temperature well below that required when coarse 
powders are used, and without the formation of the pyrochlore. The decrease in 
crystallization temperature is due to the reactivity of the particles, allowing diffusion 
over a shorter distance. 

It is also possible to synthesize BaTi 03 in ‘soft’ conditions by heating aqueous 

supensiqns of Ba(OH )2 and Ti 02 at 90 °C [1 17]. The reaction takes place only with 
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fine powders of anatase (7 m^/g) or titanium oxide B (72 m^/g). The B variety is 
obtained by treatment of K2Ti409 in an acid medium, followed by heat treatment at 
500 °C [118J (see Section 3.4.2). Conversion of Ti02 ® into barium titanate is 
complete after 24 h at 90 °C. It is only 50% complete with Ti02 anatase and 15% 
with rutile under the same conditions. Similar results are obtained under hydro- 
thermal synthesis (250 ""C, 3.5 MPa). Crystallization of the titanate occurs by 
reaction of the barium on the surface of the Ti02 particles. Conversion of the oxide 
requires diffusion of the barium through the titanate layer, and the reaction is much 
faster if the oxide particles have a less stable crystalline structure and a large surface 
area, therefore if they are small [1 17,1 19]. 

Many other perovskites are also prepared from organometallic precursors 
such as Ti(OR)4, Zr(OR)4, Nb(OR)5 nnd Ba(OR)2, Sr(OR)2, where R is an aliphatic 
hydrocarbon [120]. A stoichiometric mixture of barium and titanium alkoxides in 
alcoholic or benzenic solution is first refluxed (^ 90 "^C) and hydrolyzed with water. 
The titanate precipitates as 50- 150 A particles. Refluxing alkoxides leads, upon 
elimination of ether R2O, to oxoalkoxide clusters where Ba-O-Ti bonds are stable 
towards hydrolysis. Hydrolysis occurs in order to eliminate the organic ligands 
localed on the outside of the clusters and to facilitate their condensation. Crystalliza- 
tion of the material occurs at the synthesis temperature. 

Since alkoxides of low formal charge metals are highly condensed and therefore 
poorly reactive, the synthesis of many perovskites (titanium, zirconium, niobium, 
barium, strontium or lead) can take place by hydrolysis of the alkoxide by an 
aqueous suspension of hydroxide (Ba, Sr) [121] or by an aqueous solution of a lead 
complex such as the acetate [122J. Iron is introduced as acetylacetonate in the 
case of PbFeo.sNbo 5O3 [123]. The calcination temperature varies with the nature 
of the metallic cation. It must be adjusted if the formation of undesirable phases 
is possible, such as the pyrochlore phase in the case of PbMgo,33Nbo,6603 
PbZri_rTi.v03 [122]. A fast ramp rate prevents or minimizes its formation. 

5.6.4 SUPERCONDUCTING CUPRATES 

The crystal structure of high 7^. (90 K) superconducting cuprates is based on a 
perovskite lattice with an orthorohombic distortion [124] (Figure 5.28). In the 
various families of these compounds, copper ions exhibit various coordinations: 
four planar-square, five pyramidal, six octahedral- In all cases the four bonds in the 
perovskite layers are shorter that the Cu-0 bonds between layers. 

The most studied phase, YBa2Cu307_v, can be synthesized using traditional 
ceramic processing by calcination of barium carbonate, yttrium oxide and copper 
oxide. Because of the stability of the barium and since the reaction takes place by 
diffusion in the solid state, temperatures of the order of 950 °C and reaction times 
of at least 48 h are required in order to obtain well-crystallized phases. The main 
difficulty is to obtain a dense powder allowing high critical currents. Sintering at 
temperatures ranging from 900 to 950 °C causes grain growth without densification. 
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Figure 5.28 Structures of three copper-based superconductors . 

As a result, grain boundaries seriously alter the superconducting properties owing to 
the penetration of magnetic flux between the grains [125]. 

These difficulties call for a technique allowing a decrease in the processing 
temperature. This can be achieved starting from mixtures of the elements in 
solution. Two routes can be used: coprecipitation and' fast drying of solutions. 
The superconducting phases are obtained, depending on which route was chosen, 
between 650 and 850 However, the advantage of these techniques — forming 
small particles to improve the homogeneity and reactivity of the compounds — is a 
major problem because the small size decreases the Meissner effect. It is necessary 
eventually to sinter the particles and therefore to use high temperatures. The 
advantages of the processing route are therefore somewhat lost because of the poor 
properties of the material. There is, however, still an advantage in the synthesis of 
thin film for electronic applications. The coprecipitate or initial gel is deposited 
on an MgO, vSrTi03 or Zr02 substrate. The crystallization temperature of the film 
prevents strong interactions with the substrate and diffusion of impurities along 
grain boundaries. However,- film/substrate interactions can texture the sample, 
i.e. align the particles so that the c axis of the perovskite is peq3endicular to the 
substrate. This allows an increase in critical current density and improves the 
properties of the material [125]. 

Coprecipitation of yttrium, copper and barium is most often done with carboxy- 
lales (citrates, oxalates, acetates) from solutions of nitrates. Control of the pH, 
temperature and concentration make the precipitation as quantitative as possible in 
order to preserve the stoichiometry of the mixture [126-129]. Long-chain carboxy- 
lates (2-ethylhexanoate, neodecanoate) ensure the solubility of metals in volatile 
solvents such as xylene or xylene-pyridine mixtures, in order to make drying at 
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low temperatures (150°C) possible on various substrates [130-132].^ Chelation of 
metal cations by ethyleneglycol [133] produces viscous solutions able to form films. 

The formation of the perovskite phase requires heat treatment of the precipitate 
or gel. The organic components are removed between 200 and 400 and the 
metallic elements segregate as oxides (Y2O3, CuO) and carbonate Ba2C03. Since 
the small size of the particles causes short-range heterogeneities only, crystallization 
of the perovskite occurs around 850-900 °C [134,135]. These methods are 
interesting in the fabrication of thin textured films. 

No truly superconducting film can be processed below 900 °C because of the 
poor reactivity of the intermediate phases. Also, the heat treatment time riiust be 
kept below 20 min in order to prevent diffusion of impurities between the film and 
the substrate. The use of carbon-free reactants prevents the formation of carbonates 
and decreases heat treatment times. 

A mixture of nitrates in solution can be sprayed directly on a hot substrate 
(200 ^C), subsequently heated at 800 °C and reheated (for a few minutes) around 
900 ^C. This technique was applied to the synthesis of YBa2Cu307 [136-139], 
Bi2(Sr, Ca)3Cu208 [135,140] and Tl2Ba2Ca2Cu30io [135]. 

The presence of carbon can also be prevented by precipitating the hydroxides at a 
high pH around 60 ^C, which decreases the solubility of the hydroxides, and most 
notably barium hydroxide. The hydroxides are then decomposed at 600 and form 
YBa2Cu306+^ around 850 [141]. Heat treatment at 920 °C allows sintering of 
the ceramic. 

The examples shown in this chapter illustrate the important role of anions in the 
condensation and precipitation of cations in solution. The choice of anion must 
be made carefully in order to synthesize the chosen phase and in order to obtain 
particles of the chosen structure or morphology. Cornplexation does not play as clear 
a role in the synthesis of polymetallic oxides. Indeed, heterocondensation in solution 
does not always allow the formation of mixed solids. Judicious use of cornplexation 
reactions may allow the control of both the functionality and the electrophilic 
character of the cations through a modification of the coordination sphere. 
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Appendix to Part I 



Partial Charges Model and 
Applications to 
Aqueous Chemistry 

The acid-base properties of an aquo complex stem from the polarization of the 
coordination water (see. Chapter 1). The reactivity of complexes in nucleophilic 
reactions such as ligand exchange and condensation is mostly controlled by the 
polarity of the bonds (see Chapter 2). In order to predict the likelihood of a reaction, 
it is useful to know the electronic density distribution in the chemical entity, which 
is given by the ‘partial’ charges on individual atoms. 

Many attempts have been made at developing such a model, but no method is 
completely satisfactory because it is impossible to measure the charge on an atom. 
The isomeric displacement measured in Mossbauer spectroscopy depends on the 
environment of the atom, but only the density of ‘s’ electrons is involved since they 
are the only ones to have a probability of presence on the nucleus. Although some 
interesting correlations have been made between the isomeric displacement of an 
atom and its effective charge calculated from [1], Mossbauer spectroscopy does not 
allow a calculation of absolute charges on atoms. The same is true of NMR. The 
chemical shift measured depends on all the magnetic fields imposed on the nucleus, 
not only on those of electrons near the nucleus involved in the bonding. XPS or 
ESCA do. not give a direct measurement of the atomic charges either. 

Ab initio calculations of molecular wave functions are possible only for small, 
simple molecules. The relationship between the dipolar moment and the ionic 
character of the bonds seems like a direct method to estimate the charge distribution 
on atoms, using bond length and geometry. Things are somewhat more complicated, 
however, since the ionic moments of the bonds are only one of the contributions of 
the molecular dipole moment. Differences in atom size and dipole moments of free 
pairs must also be taken into account. 

' The partial charges model [2], based on Sanderson’s principle [3] of electro- 
negativity equalization jn a compound, does not allow an absolutely accurate 
estimation of the charges, and in this respect - has limitations similar to other 
methods. However, it is interesting to study its application to some problems of 
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reactivity in solution, such as the behavior of an element during hydrolysis, 
condensation or complexation. The model is quite simple and m some cases can 
bypass the absence of thermodynamic data. This appendix will describe the model 
and its use. and will point out some of its limitations. 



A.1 lONOCOVALENT BONDING, PARTIAL CHARGES AND 
ELECTRONEGATIVITY 

A.1.1 lONOCOVALENT BONDING AND PARTIAL CHARGES 

A chemical bond between atoms may be described by molecular orbitals charac- 
terizing the situation of bonding electrons in the field created by the nucleus, n e 
simplest case of a molecule A-B, a bonding molecular orbital of the form 

^ = aip/^ + b'ip B 

describes the contribution of atomic orbitals i/^a «nd i/ig using the coefficients a and 
b. The charge density between nuclei resulting from the formation ot the bond is 

given by 

= a^tp\ + 

For a molecular orbital describing an electron, factors and b^ represent the net 
electron population on atoms A and B. The overlap population is given by the 
labSs^ term (5 ab is the overlap integral). Distributing the overlap population equally 
over the atoms, and assigning each part to the atoms, the global atomic populations 
are obtained (Mulliken populations [4]). Since atoms A and B have different abilities 
to attract electrons, the charge distribution between nuclei is asymetricaL 

For example, formation of the HF molecule involves the 2s and 2p atomic 
orbitals of fluorine and the Is of hydrogen. For isolated atoms, the population of 
these orbitals is. respectively. 2s^, 2p= and Is'. When the atoms are at equilibnum 
distance in the molecule (0.92 A), the electronic population of fluorine is 7.46. 
electrons in the 2s and 2p orbitals, and hydrogen carries 0.54 electrons in the Is 
orbital [5] The transfer of 0.46 electrons from hydrogen towards fluorine indicates 
the ionic character of the bond. The partial charge on each amrn m the combination 
represents the difference between the electronic populations m the isolated state an 
in the combined state. Thus, for hydrogen 6(H) = 1 - 0.54 = -1-0.46; for fluorine. 
§(F) = 7 - 7.46 = -0.46. 

In more complex structures such as the [Mn 04 ]- ton. the molecular orbital 
diagram (Figure 4.1 1) involves the 3d. 4s. 4p orbitals of the metal. The electron 
population of nnanganese is 3d= «'« 4s" '«^ 4p°'^-. or 6.344 electrons on the meta 
?6-81 Compared with the configuration of the isolated atom 3d 4s . the partial 
charge on the metal is 7 - 6.344 = +0.656. The charge on each oxygen atom is 
therefore (—0.656 — l)/4 = —0.414. 
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The formal charge, which corresponds to the degree of oxidation of an atom, 
is different from its effective 'or ‘partial’ charge in a combination — unless that 
combination is purely ionic. The formal charge represents' the charge of the isolated 
atom and allows determination of the stoichiometry ot a combination, assuming a 
-2 charge for oxygen and a +l charge for hydrogen. 

The partial charge of an atom in an ionocovalent compound represents the 
charge of the atom in its environment, taking into account the formal charge and 
the charge shared with the ligands (the Mulliken population). This charge is 
assumed to be localized on the atom, but in fact the electrons ‘given’ by the ligands 
have only a very small probability of presence on the atom considered. This 
a.ssumes that no oxido-reduction takes place to decrease the partial charge of 
manganese in [Mn 04 ]“ from +7 to 4-0.656. Similarly, in the octahedral complex 
[Ni(OH 2 ) 6 ]^"‘"> magnetic measurements show that the ion is in d^ 
a magnetic moment due to two single electrons. The electronic spectiiim of the 
complex corresponds to transitions between the terms of the d^ configuration in O/, 
symmetry. The partial covalent nature of the bond is refiected in the fact that there 
are different parameters for Ni^“^ and the free ion, such as the spin-orbit coupling 
constant and the decrease in the interelectronic repulsion parameter (Raccah’s 
parameter). 

The ionicity of the bond is characterized by the coefficients a and b of the 
molecular wave functions and is directly related to the energy of valence orbitals 
and to the electronegativity of neutral atoms Xa and xb- During the formation 
of the bond, the most electronegative atom attracts the bonding electrons and 
acquires a negative partial charge, and the least electronegative atom acquires 
a positive partial charge. For atoms with a large electronegativity difference, the 
limiting case a = 0 and b = I corresponds to an overlap density of zero. The 
molecular orbital degenerates into two atomic orbitals, one of which captures 
both bonding electrons, -thereby forming the ionic bond. The charges are + 1(A) 
and —1(B). 

A.1. 2 ELECTRONEGATIVITY 

Introduced by Pauling [9], electronegativity is a measure of the ability of an atom in 
a molecule to attract electrons. There is much confusion surrounding this very 
flexible concept, as reflected in the many different scales proposed to characterize 
the same parameter. In fact, there are several definitions of electronegativity, and 
they do not necessarily cover similar concepts. 

The total energy E of an isolated atom as a function of the number of electrons N 
around a nucleus of atomic number Z is shown in Figure A.l. Assuming that the 
variation is continuous and differentiable, Parr, ai [10,1 1] have shown that the 
slope dE/dN is exactly equal to the chemical potential of the electrons: 

-lx, = -{dE!dN)^ (A.l) 
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Figure A.l Total energy of an atom (atomic number Z) as a function of the number of 
electrons. From [12] 

Development of the expression of the energy gives [12] 

E{N)^E{Z) + {N -^Z){dE/dN)^ + [{N 

The first ionization potential / and the elect affinity A can be expressed as 
/ « £(Z - 1) - E{Z) = -{dEldN)^ + (l/2)(9^£/a/v"), 

A«£(Z)-£(Z+ 1) = -{dE/dN)^-{\l2){d^EldN^)^ 

and hence: 

(l/2)(/ +A) » -{dE/dN), = = Xa (^-2) 

In fact, Iczkowski and Margrave [13] were the first to propose that {dE/dN) w 
(/ T A)/2 be called ‘electronegativity’. 

This definition introduces electronegativity as an electronic chemical potential 
similar to a thermodynamic chemical potential: in any system of atoms in a non- 
equilibrium state, there must be a flux of electronic density from the regions of high 
potential to the regions of lower potential. 

This gives an absolute estimation of electronegativity since ionization potential 
and electron affinity both refer to the fundamental state of the atom [1 1]. 

The hardness of an atom as introduced by Pearson [11,14,15] is 

= {\/2){dti/dN)^ = {\/2){d^E/dN^), = (l/2)(/ - A) (A.3) 

The hardness of an atom is directly related to its size. Here E is proportional to q^/r 
{q is the electric charge and r is the distance). The hardness = (d^E/dN^) is 
therefore proportional to r~K Hence, as a system is increasingly confined in space, 
its hardness increases and its polarizability decreases. In fact, hardness reflects the 
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resistance of the electronic chemical potential to a change in the number of electrons 
around the atom. It is expressed in eV, as is electronegativity. The converse of 
hardness is the softness a = \/q [11]. 

According to the definition in equation (A. 2), the absolute electronegativity of an 
atom is a function of its charge: 

Xa - + ’?AA' (A.4) 

— /z“(= Xa) relates to the neutral atom (standard state). The tjAW term reflects the 
deviation from the standard state owing to the charge variation AN, 

Strictly speaking, equation (A.4) can only be applied to isolated atoms. As atoms 
come closer together, they are subjected to an external potential due to the proximity 
of other nuclei and electrons. The absolute electronegativity only indicates the 
direction of the electron flux between two atoms, and as such reflects the chemical 
reactivity oi free atoms [11]. This discussion can be applied to atoms as well as 
molecules. 

The concept of absolute electronegativity is compatible with the MO model. 
Indeed, the first ionization potential of a diamagnetic molecule is the energy of the 
highest occupied molecular orbital (HOMO). Electron affinity is the energy of 
the lowest unoccupied molecular orbital (LUMO) [11]. The electronic chemical 
potential = -^a is the average energy of these orbitals, and the hardness q 
is equal to half the band gap. The donor or acceptor character of a ligand on a 
metal or a metallic ion may therefore be indicated by comparing their respective 
electronegativities. 

As defined by Mulliken [16], electronegativity is written using an expression 
similar to the absolute electronegativity: 

XM = (l/2)(/. + A,) 

However, it is not the same thing, since Mulliken’s definition involves the potentials 
/y and Ay in the valence state of the atom. The valence state describes an isolated 
atom as if it existed in combination with other atoms [17]. Therefore, this is not the 
fundamental state but a statistical average of stationary states chosen to represent, in 
the isolated atom, the electronic interactions taking place when the atom is involved 
in a combination. The calculation of excitation energies [18] using the method of 
linear combination of AOs (LCAO) involves the energy contribution of spectro- 
scopy terms for various electron configurations. The Mulliken electronegativity is 
an energy expressed in eV. 

Electronegativity according to Mulliken is in fact a property of the orbitals. In 
theory, it is defined only for the bonding orbitals but it is difficult to differentiate 
between orbitals that are not equivalent. The absolute electronegavity, which is 
defined as a potential, is a property of the atom. 

Many other descriptions of electronegativity have been proposed [12]. Allred 
and Rochow’s definition [19] is based on the electrostatic interaction between 
electrons and nucleus Zeff is the effective charge on the nucleus calculated 
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using Slater’s rules, and r is the covalent radius as proposed by Pauling. Therefore, 
the size and shape of the atom are taken into account, and the resulting electro- 
negativity is of the 'Mulliken type’. Gordy [20] considers the electrostatic potential 
between the nucleus and the outer electrons. The potential is estimated using 
(u + i where n is the number of electrons on the outer layers and r is the 
covalent radius. 

Sanderson defined a scale of electronegativity [21] based on the assumption that 
the reactivity of an atom, i.e. its propensity to retain its own electrons and attract 
others, is linked to its compactness. The most inert elements, the rare gases, are the 
most compact. Therefore, a chemical combination is the result of the tendency of the 
atoms to attain the configuration of the most chemically inert elements. Sanderson’s 
electronegativity is characterized by the stability ratio which is defined as the 
ratio of the compactness of an atom to that of the most inert (or compact) element I 
of its period — the rare gas: S = D/Dj, with D = Z/V = 3Z/47rr^. Here Z is the 
atomic number of the atom and r is the covalent radius. Sanderson’s electro- 
negativity is a dimensionless number. 

The Mulliken, Allred-Richow. Gordy and Sanderson electronegativity scales 
are all different but they all characterize an atom in a combination, and hence 
it is possible to convert one scale into another. The absolute electronegativity 
characterizes isolated atoms and their ability to react (electronic chemical potential). 
It does not take into account the changes in size and shape of the electron density 
and external potential to which electrons are subjected when the atoms combine. 

Pauling’s electronegativity is a different concept based on the idea that, in a 
heteronuclear molecule, polar bonds are stronger than purely covalent bonds. 
Pauling’s electronegativity is a measure of the ionic resonance energy [9]. 

Quantum mechanics tells us that the energy of a molecule is intermediate between 
the energies of the limit structures liable to represent the real structure. A molecule 
containing a single, partially ionic bond should be more stable than the normal 
covalent structure without any ionic character. Assuming that the energy of a 
purely covalent A— B bond is approximately equal to the average of the energies of 
the A-A and B-B bonds, Pauling relates the energy gain to the the concept of 
electronegativity [9,22], and defines empirically the electronegativity difference 
between both atoms as the square root of the difference between the energy of the 
ionocovalent bond (experimental) and that of the purely covalent bond [22]: 

x!; - xi; = [AHab - (1/2)(AHaa + AWuu)l'^' 
or ' 

X^ - Xb = [AHab - (AWaa X AWbb)'/']'^' 

For Pauling, electronegativity is a constant of the atom, irrespective of the 
combination in which it is involved. Pauling’s electronegativities, which are obtained 
from thermochemical data, include the average structure effects of the atom in the 
combination. They have the dimension of a square root of energy. Pauling stressed 
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this peculiarity much later [23], pointing to the fact that if the energy of a bond 
A-B is developed into a Taylor series of the term (xa ~ Xb). linear term is 
zero and the first significant term is (xa “ Xb)^- ^^is stems from the fact that the 
polarity of the bond should be independent of the sign of the difference Xa ^ xL 
which means that the polarity remains unchanged whether A is more electronegative 
than B or B is rnore electronegative than A. The first term in dE/Dx must therefore 
be zero. 

Mulliken’s electronegativity scale can be converted into Pauling’s using the 
following relationship [24]: 

Xm = (x70-335) + 0.615 

This linear combination between two quantities of different dimensions stems from 
uncertainties in the calculation of electronic affinities. In fact, the exact calculation 
of the valence states allows ' a precise evaluation of the ionization potential, 
electronic affinity and hydridation s in the valence state, leading to [18] 

x'’=1.35x;('-1.37 

The relationship between the Allred-Rochow scale and Pauling’s scale is 

X‘’ = (0.359Z,rrA") + 0.744 

A.2 PARTIAL CHARGES MODEL 

Since electronegativity, defined as a potential, is a function ot the charge 6 [equation 
(A-4)], the model is used to determine this function and assumes that, in any atomic 
combination, the electronegativity of each atom is adjusted through variation of the 
charge. 

A.2.1 DEPENDENCE OF ELECTRONEGATIVITY ON THE CHARGE 

Let us consider neutral atoms in a combination. The absolute terms Xa und 77 ^ of the 
free atoms are subjected to a perturbation Ax and Ar/ owing to atomic changes in 
size and shape because of the covalence effect. The local electronic potential on 
each neutral atom i is (xa/ + ^x)- 

Because of electron transfers due to the formation of a bond, partial charges on 
the atoms create an electrostatic potential adding itself to the local electronic 
potential. The electrostatic potential consists of a term (r^ai + A 7 /)( 5 i/ resulting from 
the charge 6i on atom i and a term T>{Sj/Rij) due to charges Sj on neighboring atoms 
j at distances Rij. The electronegativity of the combined atoms [25] 

Xi = Xai + Ax + + Ar/)6,' + ^ {Sj/Rij) (A.5) 
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This expression requires knowledge of the perturbations to which the electro- 
negativities and hardnesses are subjected in the combination. Since and A77 are 
unknown, we write 

= Xa + ^X. -n' = ri. + A?; 

In these expressions, x* ^re Mulliken-type electronegativities wh^h consider an 
average environment for the atoms. Mulliken electronegativities require knowledge 
of the valence states of each atom and are difficult to use. The Pauling scale is 
inadequate because it requires knowledge of bond energies easily determined only 
for small elements forming small, simple molecules. Allred and Rochow’s electro- 
negativity will be used throughout the following discussion because it is easily 
calculated for any element. 

Hardness and electronegativity are related. Since r; is proportional to the 
reciprocal of a distance, choosing the Allred-Rochow scale (x oc Zeff/^ ) leads to 
the following expression [2]: 

= (AS) 

where k is a constant. 

A.2.2 ELECTRONEGATIVITY EQUALIZATION PRINCIPLE 

When two atoms A and B of different electronegativities form a bond, an electron 
transfer occurs, for example from A to B. The more electronegative B atom acquiies 
a negative charge. Its electronegativity decreases. The less electronegative atom 
A acquires a positive partial charge. Its electronegativity increases. The electro- 
negativities of each atom converge towards an average value x indicating that 
equilibrium is attained and electron transfers are completed. This is known as the 
electronegativity equalization principle postulated by Sanderson [3]. 

Since electronegativity is defined as a potential, x equalization is equivalent to 
equalization of the chemical potentials {(i — dG/dn) related to transfer of mattei. 
The direction of electron transfers is governed by the relative values of electro- 
negativities. The intensity of these transfers is related to the hardness of the atoms 
involved. 

The principle may be generalized to complex atomic structures and the many 
electron transfers involved stop when each atom in the combination has attained a 
common average electronegativity x that is also the electronegativity 6t the group. 
Since the electronegativities of individual atoms converge towards an average value 
X, which is a function of their partial charges, knowing this average value would 
allow, in principle, calculation of the partial charges. 

A.2.3 CALCULATION OF THE AVERAGE ELECTRONEGATIVITY 

In a first approximation, the perturbation induced on atom i by neighboring atoms is 
neglected compared with the perturbation caused by the charge Si on atom /. The 
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electronegativity of atom i in any combination can therefore .be written [2] as 

X, = Xi + with 77* = (A.7) 

Calibration of the constant k is done using the charges in NaF = 

— (5(F) = 0.75] as proposed by Sanderson [26]. Using the Allred-Rochow scale, 
k = 1.36 [1]. 

At equilibrium, in the combination, the equalization principle gives 
Xi = X or x*+t;;(5,. = x 
and 

(A.8) 

Vi 



Si = o-ix-xD 

if softness (the reciprocal of hardness) a* = \/rj^ is used. 
Charge conservation in the combination imposes 

= z 

and finally 

^ ^, \/xT + 1-36z 

E,(l/Vxy) 



(A.9) 



(A. 10) 



or 



X = 



+z 

E,.a; 



(A.ll) 



X may therefore be calculated for any atomic combination, from the composition, 
the charge z of the group and the electronegativity of each atom (Table A. 1). It is now 
very easy to calculate the partial charges. Several calculations have been made in 
Part I. 



A.2.4 APPROXIMATIONS USED IN THE MODEL 

For Xi to vary linearly with the charge <5/ according to equation (A. 7) implies that 
the chemical composition of the structure is solely responsible for the charge 
distribution. This means that the model is not able to differentiate between structural 
isomers, which is a considerable limitation. 

In the most rigorous relationship [(A. 5)], which relates the electronegativity to 
the charge, the structure is explicitly taken into account in the sum since it involves 
the perturbation to which atom i is subjected owing to other charge-bearing atoms 




Table A.l Allred-Rochow electronegativities x' compiled from References [27] to [29] 
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at distances Rjj. Calculatioa of the sum requires precise knowledge of the 
structure and results in a set of linear equations. There is a structure (or geometry)- 
based version of the model based on the above-mentioned calculation of the 
average electronegativity [30]. This calculation will not be described in detail here, 
even if some of its results are discussed. 

In fact, in most cases, the structure of the combination is unknown, and the 
simplified approach assumes TjSj/ R ij <SC where is a Mulliken-type electro- 
negativity. Average structural and environmental effects are taken into consideration 
in this term, but the results must be analyzed with caution if there are structural 
peculiarities. This is particularly true with ?r overlaps. Contributions from tt and a 
bonds are a priori taken into account simultaneously and indiscriminately in the 
charge calculation, and they need not be separated when ix electron delocalization is 
present, since the bond lengths are the same. However, localized tt bonds are shorter 
than a bonds and it is no longer possible to obtain a correct charge distribution. 
Similar difficulties are encountered for atoms of identical chemical nature which are 
treated similarly irrespective of their formal charge or the type of atoms to which 
they bond. 

It is also very clear that the charges obtained depend on the hardness r/* and the 
constant k. Therefore, only relative charges are obtained, which depend on the 
calibration of constant k. This calibration- was obtained without taking geometric 
factors into account, and no geometric factor was used in the calculation of the 
average electronegativity either. This gross approximation must not be ignored 
during analysis of the charge distribution in any entity. 

It must he stressed that the model does not allow for any distinction between 
isomers, and therefore it must not be used to identify any property related to the 
structure of the combination. 

Although it is simple in its approach, the model is nonetheless an interesting 
guide for the study of reactivity in solution, and more specifically for the under- 
standing of hydrolysis and condensation reactions. 

Calculations of charge distributions usually show that, independently of the 
formal charge of the cation, the partial charges of cations and anions are always 
smaller or close to -l-l and —1 when calculated with the constants of the model. 
Although the model can only provide for a relative idea of the charge distribution, it 
does appear that a bond polarity higher than one, corresponding to the departure of 
one electron, cannot be obtained in solution. The analysis of electron population in 
atomic orbitals participating in the molecular orbitals confirms these results. It also 
appears that the same is true in the solid state, as can be seen in electron density 
maps obtained by X-ray and neutron diffraction on about one hundred compounds 
at the present time. If the bond is very polar, it is usually destroyed by ionic 
dissociation (salt dissolution). Charge separation higher than one electron must 
cause a redox transfer. The phenomenon is associated with fast reorganiztion of the 
coordination sphere of the species ^involved in order to minimize subsequent charge 
separation. In the present state of the model, it is not possible to account for such 
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transfers. This would require taking into account structural changes in the entities 
involved in the activated complex [31]. 

A.2.5 GUIDELINES FOR THE USE OF THE MODEL 

The average electronegativity of a chemical structure controls the distribution of 
partial charges on the constituents of this enUty. Calculations show that the evaluation 
of partial charges is easy and fast. 

The likelihood of a reaction (hydrolysis, condensation, complexation, etc.) may be 
predicted using very simple electrostatic criteria. Chemical equilibrium between two 
reactants corresponds to equalization of the average electronegativities of the 
products, the equalization resulting from the compositional change of the reactants. 

Considering an atom or a group X in the structure, and comparing the partial 
charge 6(K) of the group with the formal charge p of the same group in solution, a 
critical state of the bond between X and the rest of the structure is attained when 
6{X) = p or 0. : 

It is also possible to impose an average value of the electronegativity and look for 
a chemical composition of a particular species that will reach the imposed value. It 
is then possible to impose a criterion or a limiting condition for the chemical process 
to take place. The criteria are expressed as critical electronegativities or critical 
compositions calculated from the equation of charge conservation in which the 
constraint ^(X) /;> or 0 is introduced. The criteria may also involve the stoichio- 

metry of the species considered. 

From a purely practical standpoint, calculation of the average electronegativity of 
any entity may be done using either (A. 1 0) or (A. II). These relationships ai e easily 
programmable into a pocket calculator. Equation (A. II) is particularly interesting 
because it involves softness values, which are additive in a group of atoms. [Softness 
is the reciprocal of hardness, equation (A. 9).] Therefore, the average electro- 
negativity of a species 

according to (A. 10) is 
X 

or according to (A. 11) is 

_ g(M) x(M) + A'g(0)x(0) + - /i)g(H)x(H) + 1.36(z-/i) 

^ “ a(M)+A'a(0) + (2A'- l)a(H) 

or, again, using 

[M(0H)„(0H2)^^:;:>'- = [M(0H2)^1'+ - hH ' 



V'x(M) +/Vv/x(0) + (2A^ "''^)VX(H) + 1.36(z-/i) 
l/x/x(^ + N/JxiO) + {2N - l)/vT(T 
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IS 

_ a[M(OH2)^^-lx[M(OH2)^+l - MH+]x[H + | 

^ a[M(OH2)'q -/ia(H+l ^ 

This is a considerable simplification of some expressions of the average electro- 
negativity of complex groups, which allows, once and for all, certain calculations 
to be made for a given system. This type of calculation is used to describe 
complexation. 

A.3 APPLICATION OF THE MODEL TO THE ACID-BASE 
PROPERTIES OF CATIONS 

The acid-base properties of a solvated [M(OH 2 )yvr^ cation in solution are reflected 
in the overall equilibrium 

[M(OH2);v1''^ + H 2 O 4=^ (M(0H),(0H2)^]<^-''^+ + 

Can we predict, under standard conditions (1 rnolP* concentration and 298 K, for 
example), the hydrolysis ratio of the cation as a function of the acidity of the medium? 

From the angle of the partial charge model, equilibrium coixesponds to equaliza- 
tion of the average electronegativities of the reaction products. We can assume that 
proton exchange takes place between the solution and the cation until the average 
electronegativity of the hydrolyzed species, Xh, is equal to that of the solution, Xs- 
The equilibrium condition will be obtained at the value of h for which Xh is equal 
to Xs- Therefore, it is necessary to determine the average electronegativity of the 
medium (solvent) as a function of acidity, which means relating Xs to the pH. 
Indeed, any change in pH of the solution displaces the hydrolysis equilibrium and 
causes a change in the average electronegativity of the medium. 

Electronegativities are microscopic potentials that do not depend on macroscopic 
parameters such as concentration, pH or temperature. Therefore, it is necessary 
to establish a relationship between both sets of parameters. This can be done by 
considering the structure of the solvated proton (see Chapter 1, Section 1.1.2) in the 
‘standard’ conditions as defined above. 

A.3.1 pH-ELECTRONEGATIVITY RELATIONSHIP 

The solvated proton in aqueous solution corresponds to the ‘molecular’ entity 
[H 904 ]'*’, in which the proton is coordinated to four water molecules through strong 
hydrogen bonds with energies of about 200 kJ moF^ (see Chapter 1, Section 1.1.2). 
This entity is itself solvated in solution by other water molecules forming weaker 
hydrogen bonds with energies of about 20-30 kJ moF*. 

Delocalization of the proton in water occurs through the disordered network of 
hydrogen bonds in the liquid. Owing to their quantum nature, protons cannot be 
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distinguished from the hydrogen atoms of the water molecules. Therefore, solvated 
species [H 904 ]'^ • /iH 20 share their protons with liquid water. In the same way that 
electronegativities become equal when atoms share electrons, equalization of the 
average electronegativities of solvated protons and water is supposed to take place 
though rapid proton exchange. Therefore, the average electronegativity of an aqueous 
solution changes with the pH, which represents the proton concentration. We can also 
consider that it represents the number of water molecules associated with the proton. 
At the macroscopic scale, the chemical potential of the proton in solution is 

Mh = /^H + = Mh “ 0.06 pH (A. 13) 

where is the activity of the proton, and RT In = 0.06 log at 298 K. 

At the microscopic level, considering that the electronegativity represents the 
chemical potential of the electrons, x =" "Me, we may write 

Mh == ‘ind = -/:x[H904]'^ 

choosing the [Hy 04 ]'^ entity as the state of reference (pH = 0) for the solvated 
proton. Therefore 

Xu = x[Hy 04 ]+ - 0.06^“ ‘ pH = Xs with xlH 904 ]'^ = 2.621 

We shall assume that dilution of the proton in solution amounts to delocalizing it 
over a large number of water molecules. Therefore, at pH = 7, the proton concentra- 
tion becomes so small that we can consider the entity [H*^, (H 20 );i] in which n is 
very large. The value of which relates the pH scale to the electronegativity scale, 
is obtained by considering that, at pH = 7, xn = Xs = x[i^ 20 ] = 2.491. Finally, the 
following relationship is obtained: 

Xs = 2.621 - 0.02 pH (A. 14) 

Therefore, the electronegativity of an aqueous solution decreases linearly from 
2.621 to 2.341 as the pH varies from 0 to 14. It must be noted that the electro- 
negativity of the solution at pH 14 is that of the molecular ‘entity’ [H 7 O 4 J” 
(X = 2.334), formed by the hydroxyl ion solvated through very strong hydrogen by 
three water molecules (cf. Chapter 1, Section 1.1.2). This is in agreement with the 
consideration that, at pH 7, Xs = x[H 20 ]- 

In articles preceding publication of this book ([32], tor example), the reference 
for the solvated proton is [H 502 ]^ (x “ 2.732) and equation (A. 14) is Xs = 2.732 
-0.035 pH. This relationship gives similar results, but we believe that equation 
(A. 14) is in better agreement with the structure of the solvated proton. 

A.3.2 HYDROLYSIS OF CATIONS 

The application of this result to the hydrolysis of a cation in solution 
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is done by writing the equilibrium condition 

x[M(OH),(OH2)LT1 



(A.15) 



In accordance with the principle of electronegativity equalization, proton exchange 
between the metal complex and the medium takes place until their average electro- 
negativities become equal. 

Writing each expression of x in (A. 15) using (A. 10) and (A. 14), we easily obtain 



1 +0.41 pH 



1.36z-N)(0.236 -O.OSpH) - 



2.621 - 0.02 pH- X m 



At pH = 0, the hydrolysis ratio of M(OH 2 )^*’ is 
h = (I.36z - 0:24N) - 



whereas at pH= 14 it is 

V Xm 



(A.16) 



(A.17) 



(A.18) 



The value of h indicates the number of protons spontaneously released by 
[M(OH 2 )yv]^'^ in solution. Equations (A.17) and (A.18) show that the acidity of a 
cation is essentially governed by three parameters: its charge z, its size (through its 
coordination number N) and its electronegativity. The main factor is the formal 
charge of the cation z. Size (through the coordination number) and nature (tlirough 
its electronegativity) are parameters of lesser importance. 

If the calculated values of h are negative, the aquo ion does not exhibit any acid 
character. However, it may be deprotonated by the addition of a base and eventually 
form a hydroxo complex. If h is greater than 2N, the element exists in solution only 
in the aquo form and does not exhibit any basic property. 

The calculated values of h need not be integer. If they are not, two species 
in equilibrium should be considered, and at least one of these should be a 
hydroxo form. These species correspond to the integer values of h that frame the 
calculated value. The results (Table 1.7, Chapter 1) are in good agreement with the 
experiments. 



A.3.3 ACID-BASE PROPERTIES OF ELEMENTS IN AQUEOUS SOLUTION 

One may approach the acid-base behavior of elements in water from a different 
angle. 

Let us consider an element that may exist as the zero-charge molecular form 
MO/vfFhA'-z- This species can have two extremely different behaviors in water: 
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• It may act as a strong acid: ^ 

[M0^H2/V-z]3t| > [M0^H2 /V-z-i] 

• It may act as a strong base: 

[M0^rH2/V-zlat^ ^ [M0^H2 /V-z+i] *" + 

[MO^H2/V-z]at, ' [MO^_iH2/V-z-|] ^ + HO,,^ 

(a) Acid Behavior 

This would correspond to the exchange of a proton between the zero-charge form 
and the solvent. The following transition state can therefore be considered 

[MO^H2/v_z-i1 - • • H ^ • OH 2 

If the charge on oxygen in water 6{0^) is smaller (more negative) than that of 
oxygen in the basic form of the metal complex (5(Op_), 5(Ow) ^(Op^), i.e. if the 

average electronegativity of the basic form is such that Xp- > Xw, the proton will 
tend to be solvated by water. If, on the other hand, (5(Op_)< <5(Ow) and hence 
Xp- < Xw, the proton stays in the coordination sphere of the cation and .the complex 
does not have any acid property. The threshold between these two situations is 

Xp- = Xw = 2.49 ■ 

This situation is reflected in the partial charges [equation (A.6)] 

5(0) = - 0 . 4 , 5(H) = +0,2, 5(M)=^:j2_^ 

The charge balance for the MO^rH 2 ^_^-ll form is 
5(M) + /V5(0) + (25/ - z - 1 )5(H) = - 1 

From these relationships, a second-degree equation in sjx is obtained, which, for a 
given element, depends only on the variable z. It is now easy to calculate the critical 
electronegativity Xk,z which gives the limit of the acid behavior of the neutral form 
of the cation of formal charge t. 

-0.136(z-4) + {(0.136(z-4)l^+2.49}‘/^ (A.19) 

The variation in XA,^ as a function of z.is shown in Figure 1.8. If Xm of a cation is 
greater than xa,z. MQ/^H 2 w -2 is a strong acid. 

(b) Basic Behavior 

There are several ways to consider the basic behavior of a species in solution. 
In order to establish an appropriate criterion, let us consider the exchange of an 
hydroxyl ion between the zero-charge species and the solution: 

[MOa,_,H2w-,-i1;'--OH---'OH2 
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If the charge on hydrogen in the acid form of the complex is smaller than that on 
hydrogen in water (5(Hp+) x5(Hw), i:e. if Xp+<Xw, the hydroxyl ion will lend to 
be solvated by water. If, on the contrary, (5(Hp+) > <5(Hw), or Xp+ >Xw, the hydroxyl 
ion is better ‘solvated’ by the cation and the complex does not exhibit any basic 
property. Therefore, the criterion for basic behavior is 

Xp+ “ Xw " 2.49 

As seen previously, the values of the corresponding partial charges on oxygen, 
hydrogen and the metal are introduced in the charge balance of the [MO^v - 1 1 

form: 

6{M) T {N - \)S{0) + {2N-z-\ )S{H) = + 1 

The critical electronegativity xb,z can now be calculated (Figure 1.8). It indicates 
the threshold for the strong basic behavior of the neutral form of a cation of formal 
charge z: 

= -0,136(z + 4) + {[0.136(z + 4))^ + 2.49}’''^ (A.20) 

If Xm is smaller than xb,z, MO^rH 2 /v-^ is a strong base. This is the case for the 
M(OH)(OH 2 )n forms of alkalis, in which Xm is of the order of 0.9, and therefore 
inferior to xb.z = l-OO- 

A.4 APPLICATION OF THE MODEL TO THE CONDENSATION OF 
CATIONS IN SOLUTION 

The propensity of a metal to form condensed species in solution can be described 
using electrostatic considerations. We have seen (Section A.3.3) that an element 
in the zero-charge molecular form MO^H 2 /v-z can behave as a strong base or a 
strong acid in water. In either case, the species cannot condense because the 
hydroxo ligands are not ‘stable’ in the coordination sphere. 

For example, what can be said of [Mn 03 ( 0 H)]°? The critical value corresponding 
to acid behavior is xa,7 = 1-459 [equation (A.19). Figure 1.8). Since the electro- 
negativity of manganese is 1.63, the species is a strong acid, and manganese(VII) 
exists in solution as [Mn 04 ]- at any pH [32]. 

For manganese(II), xUn ~ L63<xa,2 = 3.485. The species [Mn(OH)2(OH2)4i° 
does not exhibit acid character and precipitates as the hydroxide Mn(OH )2 [33]. 

Hence, the species MO^H 2 /v _2 is able to condense, as long as the hydroxo ligand 
exhibits a nucleophilic character [6{OH) < 0] and as long as the cation is sufficiently 
electrophilic [(5(M)>0.3, see Chapter 2]. This amounts to saying that for any 
element M such as 

XB,^ < Xm < Xa.z 
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there is a negative charge on the hydroxo ligand in the [MO/vH 2 /v-J^ form and this 
species is likely to condense. The reaction proceeds by olation and/or oxolation 
mechanism(s) depending on the value of the formal charge z. 

Olation takes place only if the aquo ligand exists as such in the coordination 
sphere of the cation (see Chapter 2). The reaction leads to formation of a solid 
phase of the hydroxide M(OH)^. The reaction is the only one taking place (meaning 
that the hydroxide is stable), as long as ( 5 (H 20 ) is negative in the solid. If ( 5 (H 20 ) is 
positive, oxolation by internal dehydration may become a competing mechanism. 

It is possible to set the limit above which olation is the only reaction taking 
piaceby imposing the criterion 6 (H 20 ) = 0 and applying.it to the neutral species 
MOAfH 2 /v~; [or to the hydroxide M(OH)J. The charge balance is 

S{M) + NSihhO) - z6{H) =0 or 6{M) - zS{H) - 0 
with 

Xp = XHiO = 2.49 or i5(H) = +0.2 and 6(M) = '/EF - 

The charge balance equation is an equation in y/x whose solution relates the critical 
XOL.z to the formal charge z of the cation: 

-0.1 36z + [(0.1 36z)" + 2.49] ' (A.21) 

XoL,z as a function of z is shown in Figure 2.3. 

When Xm that xu,- < xivi < Xol,z> condensation takes place by olation 

only, leading to the stable hydroxide M(OH)^. This is the case for manganese(ll), 
for which xUn = 1-63 < xol ,2 = 1-766. 

Xoui < Xm ^ the partial charge on the water molecule formed during 
the proton transfer is positive. Oxolation is now involved, leading to formation of an 
oxyhydroxide or an oxide, depending on the level of dehydration. 

This reaction implies proton transfer, from the previously formed ol bridge (in 
the transition state) to an adjacent hydroxo ligand, followed by elimination of the 
formed water molecule. Proton transfer is possible only if 6 (OH) is negative on the 
olated species, and as long as 6 (OH) remains negative during condensation, the 
oxide MO ^/2 may, in theory, form. As soon as 6 (OH) becomes positive, at any stage 
of the process, the polymer behaves as an acid and forms polyanions. 

Since (5(OH) = 0 is the threshold value for this behavior, we may apply this 
criterion to the oxide MO ^/2 in order to determine a critical electronegativity xva,z 
beyond which polyacids are formed: 

6{M) + z/26{0) = 0 
in MOAfH 2 /v-;, with 

and 5(0) = -0.31, ' 5(M) = 



from which 

v/^ = -0.105Z + [(0.105z)" + 2.71 1] (A.22) 

Xti < both olation and oxolation compete. They lead, from the zero- 

charge form, to the formation of oxyhydroxides or hydrated oxide, either crystalline 
or amorphous (see Chapter 2). 



A.5 APPLICATION OF THE MODEL TO THE COMPLEXATION OF 
CATIONS IN SOLUTION 

Complexapon of an aquo form of a metal cation by a monodentate species X of 
formal charge —1 can be written as 

[M(OH 2 )^r +X- * [MX(0H2)^_,|'^-')+ +H 2 O 

The reaction takes place by nucleophilic substitution and involves competition 
between the donor strengths of the.X group and the leaving group H 2 O. The sub- 
stitution creates a new distribution of the partial charges in the complex, compared 
with that of the hexa-aquo complex. 

The inner sphere complex may exhibit some stability if an M <— X transfer takes 
place, allowing formation of a stable ionocovalent bond. The X' anion must be less 
electronegative than the entity [M(OH 2 )^_i)^'"'*’' and the partial charge 5(X) of the 
ligand in the complex must be greater than -1. If the anion X" is more electro- 
negative than [M(OH2 ),v-i 1^^'''^'''. an electron transfer M X should take place, 
which would lead to a partial charge 5(X) smaller than -1 in the complex. Unless 
an acid-base reaction takes place, the bond is completely ionic in nature. It 
dissociates in vyater and the anion X~ has no complexing role. At most, it acts as a 
counterion to the metal ion. As long as 5(X) > - 1 , the complex will resist ionic 
dissociation. 

Owing to its basicity, the X anion may attract a proton from the solution or from 
the coordination sphere of the cation; 

[MX(0H2)^_,]'^-‘^+ [M(XH)(OH)(OH2)^^2l'"”^ 

The HX species may nonetheless remain coordinated to the cation if the charge 
6 (HX) in the complex is negative. In this case, the ligand HX maintains a higher 
donor strength than that of water. If the charge (5(HX) in the complex is positive, the 
HX ligand will probably.be displaced from the complex by water molecules which 
will effectively replace the HX ligand because of the mass action law, in spite of the 
fact that they will be positively charged when coordinated to the cation. The 
complex will resist cation hydrolysis and anion protonation as long as (5(HX) < 0. 
Therefore, stability of the complex in solution is connected to the double condition 

S{X) = -1, 6{HX) =0 



X = XOH -- 2.7! 1 





5 

I 



I 

■j 

I 

3 

a 




Let us consider the behavior of bidendate anions towards Fe(III) for h — 2 . The 
complexation of Fe(OH)2(OH2)+ (x = 2.611 by a bidentate ligand X” can be 
written as 

[Fe(OH)2(OH2)4l^ + X“ [Fe(OH)2X(OH2)2l° + 2H2O 

(Fe(OH)3(XH)(OH2)l° 

The partial charge of a few ligands X in the X and HX forms in the complex are 
shown in Table A. 2 . Ions [N03]“ and [C104]“, whose partial charges are more 
negative than - 1, do not have a complexing role for the considered form of iron. 
The ionic character of the bond is too strong and ionic dissociation takes place. 
[NO3]” and [CIO4]” behave as counterions. The average electronegativity of the 
ligand is too high compared with that of the metallic form and no M X transfer 

can occur. . . 

The acetate ion (weak base) is protonated and a. molecule of acetic acid is 

eliminated from the coordination sphere [^(CHaCOOH) > 0 ]. The excessively 
small average electronegativity of the acetate ion makes it susceptible to protona- 
tion The phosphate, carbonate and sulfate ions are the only ones to resist 
protonation and are able to form stable complexes. The average electronegativity of 
these ligands is sufficiently close to that of the metallic form for the M*— X transfer 
to occur. These conclusions are in good agreement with experimental observations 
[6] and may also be reached differently, since the stability criteria of a complex can 
be expressed directly in terms of electronegativity. 

Setting a limit value of 6(X) = -1 in the [MX(OH2);,_,l‘^- form amounts 
to considering the entity [M(OH2);,_,r'' of average electronegativity xo- If the 
electronegativity x(X) of the species X" is smaller than xd. the charge 6(X) on the 
ligand in the complex is greater than - 1 and the complex is stable. XD imposes the 
stability threshold of the complex towards ionic dipociation. Similarly, setting 
the limit value 6(HX) = 0 in [M(XH)(OH)(OH2)^_2l‘^“ >+ amounts to considering 
the average electronegativity xh of [M(OH)(OH2)^_2l‘^"‘^''. If x(HX) is greater 
than XH. the charge 5 (HX) is negative. The complex can be stable, xh Axes the 
stabiUty' threshold of the complex with respect to hydrolysis of the cation or 
protonation of the ligand. 
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The criterion of complexation of a cation by a ligand X may therefore be 
X(X)<XD and x,(HX)>xh 
I n the preceding example of iron hydrolyzed at /: = 2 , we obtain 

XD ='x[Fe(OH)2(OH2)2l = 2.68 and Xh = x(Fe(OH)3(OH2)°l = 2.53 

The average electronegativities x[NOj] and x[C'C)4 ] (Table 5 . 1 ) are greater than 
YD- The complexes will not form because of ionic dissociation. The acetate 
complex must be destroyed by hydrolysis because xlCH^COOH) < xh- Phosphate, 
carbonate and sulfate will resist hydrolysis and ionic dissociation, since, for each 

one of them, x(X)<XD and x(HX)>xh- _ 

This reasoning is easily extended to multivalent anions X^‘ . Criteria contiollmg 

the complexation are obtained in a similar manner. 

6 (X) > -/i • • • 6(XH„_x) > -(« - x). 6(XH„) <0 

associated with corresponding values of xd and xh- ■ ,i . 

Complexation of a metal cation in solution is governed by two mam variables: 
the acidity of the medium and the electronegativity of the complexant. The influence 
of medium acidity on complexation is taken into account by the nature ^of the 
cationic species considered, i.e. a form of the type [M(OH)^(OH2)^_;,l or 

which the hydrolysis ratio h is easily determined as a function of the acidity of the 
medium (see Section A.2). It is possible to establish a direct relationship between 
both quantities in order to determine, as a function of pH, the ability of a chemical 

species to act as a' ligand. , , .,j_ , . 

In a medium of given acidity, hydrolysis of a cation M(OH2),v can be written as 

[M(OH2 )w]''^ +H2O 1 [M(OH);.(OH2);v_J^'“''’'^ 

This hydrolyzed form reacts with an X"' ligand (of coordination mode q according to 

lM(OH)„(OH,)„.jl’-«* +X- . |M(OH)„(X)(OH,)„.._j"^*->* 

-f aH20 

The basic character of the anion, for a given pH, is refiected in the reaction with the 
solvation water molecules of the complex: 

(M(OH),,(X)(OH2 );v_a_oI''-''“"^'^ > [M(OH),,3 .,(XH,)(OH2)^_/,_a-,l‘' 

and the complete reaction is 

[M(0H2)^1^^- + X''- ^[M(0H);.„,,(XH,)(0H2)^_;,_,_,1‘'-''-''>^ 

+ /rH + „3,,3 + aH 20 (A. 23 ) 

If the cation were alone in the solution, its hydrolysis ratio would be h. Owing to 
complexation by a basic species, the cation undergoes an additional hydrolysis q, so 
that the overall hydrolysis ratio of the cation is [h -f q). 
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Tlie problem is to determine the acidity range in which cation complexation 
by the various forms of the ligand X is effective. The^approach is explained 
below. 

The stability threshold of the protonated form XH,, with respect to ionic 
dissociation of the complex considered in (A.23) , 



[M(OH)„^ fXHj(OH2), 






1 



is imposed by the condition 6(XH„) = q - n in the complex. This amounts, as in 
the previous cases, to equalizing the average electronegativity of the free ligand 
x<i to that of the entity 



[M(OH),, fOH 



'^) N — ll -'Ci- 






of average electronegativy xd- 

Electronegativity xd is a function of h and q, and hence of the pH. The principle 
behind the calculation is to establish the relationship between the critical value of 
Xif and the pH of the solution. 

Using the equation 



fOH,) 









[M(OH),), 



{h + — aH20 



the average electronegativity xd 'S [equation (A. 12)] 

_ aiviXM - + q)(X]\X\-\ - Qctii;oXiI;0 

~ ctm - {h + q)cT[\ = Qai-ijo 



(A.24) 



where ctm and xm represent the softness and the average electronegativity of 
M( 0 H 2 )^'*', respectively, and an.XH and aHjO, X 1 I 2 O repre.sent similar quantities for 
the proton (H *") and the water molecule. 

From equation (A.24), we obtain 



li + q = 



cm(Xi; ~ Xm) ~ o.'aH2o(Xt/ XH;o) 
o-|i(X(/ - Xm) 



(A.25) 



Assuming that the pH of the medium is controlled by the composition of the system, 
the hydrolysis ratio of the cation is that of the cation if it were alone in the solution 
in the absence of any complexant. Here, h (see Section A. 2. 5) is given by 



_ o'm(xs - xm) 
chIxs - Xh) 

in which Xs = 2.621 - 0.02 pH [equation (A. 14)]. 
Introducing (A. 26) in (A.25) gives 

cxKXs ” Xm) __ rrMlXy ~ Xm) ~~ QO'H 2 o(Xf/ ~~ XH20) 
ciilXs - Xii) ^ ■ o'h(X(/''Xm) 



(A.26) 



(A.27) 
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Hence 

A(M) - aB(H20) ^ A(M) ^ 
(Xv -Xh) (x. -X n) 

with 



(A.28) 



A(M) = ctm(xh - Xm) 

B(H20) = cthjo(xh - XH 2 O) 

C{a,q) = qau + QrrHjO 

Terms A, B and C are constant relative to. respectively, the cation M, the medium 
and the anion. It is worth noting that equation (A.28) involves quantities that 
characterize the three partners involved in the chemical reaction. 

Equation (A.28) establishes very simply the relationship between the average 
electronegativity of XH«-''. x,. and the pH of the medium Xs. for given values of q 
and a (coordination mode of the anion). Therefore, it allows a calculation of the 
acidity range corresponding to the metal complexation by various forms of species 
X, protonated or not. 

For example, for aluminium: 



XM = x[A 1(OH2)M = 2.754, aw = aiAKOFh)^] = 9.053 
XM = X[H+] =4.071, an =c^lHl =0.507, 

XH 20 = xlHzO) = 2.49 1 . crn 20 = <^(H20l = 1 .408 



For q = 0 and a = 2: 

A(M) = 1 1 .922, B(H20) = 2.224, C(2.0) = 2.8 16 



and equation (A.28) becomes 



(7 .474/(x,,=o = 4.071)1 -2.816 - 1 1.922/(xs - 4.071) 

For various values of x,. the relationship x. = 2.621 - 0.02 pH gives the corres- 
ponding values of the threshold pH for the dissociation of the lAl(OH);,](X) 
( 0 H 2 ) 4 _,, 1 ^^“''"'''’*' complex.. 

For the coordination mode selected, a set of nx</(0 ^q < '0 = f(pH) curves is 
obtained, coresponding to the n value of xd (ionic dissociation of the complex) 
relative to the X''“ anion and its n - 1 protonated forms XH’ ", as well as a 
X,,=„ = f(pH) curve coiTesponding to the value of xh (dissociation of the complex 

via hydrolysis) for the form XH„ (Figure A.2). 

For a given anion; the domain of acidity for likely complexation is found between 
the values corresponding to the average electronegativities of the forms X" and 
H„ X. Outside this range, complexes do not form because the bonds are too polar. 
Within this range, water is a better ligand than the acid form of the anion. This is 
illustrated in the case of aluminium (Figure A.2). Similar diagrams (see Figures 5.2 
and 5.18) can be drawn for any cation using the set of equations in (A.28). 
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Figure A.2 Eleclronegaiiviiy versus pH diagram for the complexation of by 

monodentate anions. For example, ihe acidity range for complexalion by chloride ions is 
determined by the values of x(Cl ) 

Figure A.2 calls for a few remarks: 

• In the preceding discussion, it was always assumed that the stoichmetry of the 
complexes was [ 1 ; 1 ] it would be possible to consider the formation of complexes 
of various stoichiometries, but the limitations of the model would not allow a 
precise analysis of such species. If such complexes formed/ they would do so 
within the stability domains of the [ 1 ; 1 ] complexes. 

• The model implies that a monoatomic anion such as Cl~, for example, should 
have an extremely high complexing strength owing to its small electronegativity. 

This contradicts experimental results. In fact, solvation of the anion leads to 
the formation of [Cl(H 20 )/^]~ entities with a lower complexing strength than the 
anhydrous form. The average electronegativity of the hexa-aquo ion [34,35] is 
x[C 1 (H 20 )^] = 2.395, which corresponds for aluminum to an ionic dissociation 
pH of 10.2 (Figure A.2). Foj* the protonated form of the anion, we consider the 
hydrate [HCl, H 2 O] for which x = 2.470, and hence pH = 2.8 for the hydrolysis 
of the complex, still in the case of aluminum. Therefore, it is expected that 
complexation of aluminum by the chloride will be observed within those two pH ' 

values, which agrees with experimental data. There are no stable chlorinated 5 

complexes with [Al(OH 2 ) 5 ]^'^, even for a high chloride concentration [36,37] or in 

the solid state for AICI 3 • 6 H 2 O [38]. However, it is difficult to obtain a chloride- j 
free precipitate of Al(OH) from AICI 3 solutions [39] whereas elimination of j 
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anions through washing of the precipitate is easy with aluminum nitrate or 
perchlorate. Indeed, complexation of aluminum by nitrate and perchlorate occurs 
only in a strongly acidic medium (Figure A.2). The fluoride ion is smaller than 
the chloride and can only form units containing four water molecules [F(H 20 ) 4 p 
[35] with an average electronegativity of 2.422. Since hydrofluoric acid is a weak 
acid, the HF species (x = 2.934) is assumed to be unsolvated. The stability 
domain for the complexation of aluminum by fluoride ions is much wider than in 
the case of the chloride, ranging from very acidic media to pH 9 (Figure A.2). A 
series of inner sphere complexes [AlF„j with 1-4 has been 

characterized by NMR [40,41]. 

• This diagram is based on purely electrostatic criteria without consideration of any 
structural characteristics such as the chelate effect which stabilizes complexes, 
compared with monodentate ligands, or the tt donor character of some ligands. 
Cation and ligand concentrations do not appear in the model either. Although the 
model agrees broadly with the experimental results, this considerable limitation 
should remind us that the model gives only indications of the possibilities of 
formation of a complex. Application of the model to this type of reaction only 
allows us to determine if a ligand is likely to enter the coordination sphere of a 
cation and to displace one or several aquo or hydroxo ligands, for example. In no 
instance does the model allow us to draw conclusions on the effective formation 
of a given complex, nor does it provide quantitative information on the reaction. 
In the absence of thermodynamic data, however, the model does provide useful 
information allowing us to determine whether it is reasonable or not to expect the 
formation of some complexes. 

The partial charges model, is a simple and convenient method for the broad predic- 
tion of the behavior of elements in solution. Electronegativity, i.e. the electronic 
chemical potential, seems to be an adequate and useful 'concept in the under- 
standing of the direction of electron transfers between atoms. Therefore, it is a 
useful concept in predicting the evolution of a chemical system, since the principle 
of electronegativity equalization can broadly characterize an equilibrium situation. 

Because of its many approximations, and mostly because it contains no concentra- 
tion or structural considerations, the model is unable to provide quantitative 
information and may in no circumstance be a substitute for thermodynamic data. 
When structural issues such as the presence of multiple bonds are likely to affect 
the reactivity of a species, the model should be used with extreme care. In addition, 
the analysis of hydrolysis and condensation reactions with the partial charges model 
would require modifying the hardness value for each cation. This is also true for the 
study of complexation, which may only be treated from an extremely qualitative 
standpoint. However, qualitative information is better than no information at all. 

In spite of these disadvantages, the partial charges model does rationalize the 
chemistry of cations in solution regarding hydrolysis and condensation processes. 
This is its main contribution. 



208 



Metal Oxide Chenu:itry and Synthesis 

A.6 REFERENCES 



1. J.E. Huheey, J.C. Walls, Inorg. Chem. 10, 1553 (1971). 

2. M. Henry, Thesis, Universile P. el M. Curie, Paris (1988). 

3. R.T. Sanderson, 5c(‘e/ice 114, 670 (1951). w , , ^ / r/ 

4. W. J. Herhe. L. Radoni. P.R. Schleyer, 3.A. Pople, Ab iniuo Molecular Otbiia! Ihcoty, 

J. Wiley & Sons. New York (1986). 

5 EJ. Magnusson, J. Am. Chem. Soc. 106, 1177 (1984) ... m v • 

6'. C.J. Ballhausen, H.B. Gray. Molecular Orbital Theory^ W.A. Benjamin Inc., New Yoik 

(1964). 

7. A. Viste, H.B. Gray, fnorg. Chem. 3, 1113 (1964). 

8. H. Basch, A. Visie, H.B. Gray. J. Chem. Phys. 44, 10 0966) 

9 L Paulitm The Nature of Chemical Bond, 1st ed., Cornell Univ. Press, Ithaca (1939). 
la k:c Pa^ R A Donnelly. M. Levy, W.E. Palke. i. P/iy. C/.em. 68, 3801 (1978). 

11. R.G. Pearson, Chemtracts Inorg. Client. 3. 317 (1991). 

12. H. Chermette, R. Lissilour, L’Actualite Chimique 4, 59 (1985). 

13. R.P. Iczkowski, J.L. Margrave, J. Am. Chem. Soc. 83, 3547 (1961). 

14. R.G. Pearson, J. Am. Chem. Soc. 85, 3733 (1963). 

15. R.G. Parr, R.G. Pearson, J. Am. Chem. Soc. 105, 7512 (1983). 

16. R.S. Mulliken, J. Chem. Phys. 2. 782 (1934). 

17. J.H. Van Vleck, J. Chem. Phy.s. 2, 20 (1934). 

18. S.G. Bratsch, J. Chem. Educ. 65, 34 (1988). 

19. A.L. Allred, EG. Rochow, J. Inorg. Nticl. Chem. 5, 264 (1958). 

20. W. Gordy, Phys. Rev. 69, 604 (1946). kt v i 

21. R.T. Sanderson, Chemical Periodicity, Reinhold Pub. Corp.. New York (1960). . 

22. L. Pauling, J. Am. Chem. Soc. 54, 3570 (1932). 

23. L. Pauling, J. Chem. Educ. 65, 375 (1988). 

24. H.A. Skinner, H.O. Pritchard, Trans. Faraday Soc. 49, 1255 (I953)_ 

25. W.J. Mortier, S.K. Ghosh, S, J. Shankar, J. Am. Chem. Soc. 108, 4315 (1986). 

26. R.T. Sanderson, Inorganic Cheinisiry, Reinhold, New York (1976). 

27. E.J. Little. M.M. Jones, J. Chem. Educ. 37, 231 (1960). 

28. S.S. Batsanov, liiis.s. J. Struci. Chem. 37; 332 (1968). 

29. Y. Zhang, Inorg. Chem. 21, 3886 (1982). 

30. M. Henry, Thesis, Universite P. & M. Curie, Pans (1993). , 

31. F. Basolo, R.G. Pearson, Mechanism of Inorganic Reactions, 2nd ed., J. Wiley & Sot s. 

New York (1958). i<:an 009-1 

39 M Henrv J.P. Jolivet, J. Livage, Stntcture (itid 0Ortt/tt!g 77, 153 (199/J. 

33. C.F. Baes.' R.E. Mesmer, The Hydroly.sis of Cations, J. Wiley & Sons, New York (1976). 
34 J P Hunt. H.L. Friedman, Prog. Inorg. Chem. 30, 359 (1983). 

35 ' M ' Magini. G. Licheri, G. Paschina, G. Pinna, X-Ray Diffracdon from Aqueous 
■ SohnioL Hydration and Complex Formation, CRC Press. Inc., Boca-Raton, Florida 

36. K.A.^Kraus, F. Nelson, G.W. Smith, J. Phys. Chem. 58, 11 (1954). 

37. R.E. Schusler, A. Fratriello, J. Chem. Phys. 47, 1554 (1967). 

38. D.R. Buchanan, PM. Harris, Acta Ciyst. B24, 955 (1968). 

39 W.B. Scott, E. Malijevic, J. Colloid Interface Sci. 66, 447 (1978). 

40. R.E. Connick, R.E. Poulson, J. Am. Chem. Soc. 79, 5153 (1957)^ 

41 J.W. Akilt, N.N. Greenwood, G.D. Lester, J. Chem. Soc. A, 2450 (19 ). 



Part II 

SURFACE CHEMISTRY OF OXIDES 



Oxide particles formed by precipitation or coprecipitation from solutions are usually 
colloidal- at least one of their dimensions is of the order of a few hundred to a few 
thousand angstroms. Their specific surface area (the surface/volume or surface/ 
mass ratio) may reach several hundred square meters per gram. This explains 
why the behavior of small particles is largely dominated by the physicochemical 
characteristics of their surface, 

. The dispersion of particles in a liquid depend on the attractive or repulsive forces 
exerted between their surfaces. Control of the force balance allows control of the 
agglomeration of the particles, as well as the formation of sols or gels. It is often 
necessary to obtain non-aggregated systems in an aqueous or non-aqueous medium 
if optimum properties are desired in the dried sol or gel. If the particles have 
aggregated or flocculated, the performance and the mechanical properties of the hnal 
material are adversely affected owing to heterogeneities in density and porosity. 

. The division state of a solid formed via precipitation is governed by the forces 
exerted on its surface (the interf-acial tension). These forces determine the extent of 
the surface, and hence the size of the particles. The average size and particle size 
distribution are crucial parameters that must be controlled because they have direct 
implications- on the materials from which the particles are derived: catalysts, 
composite materials or magnetic suspensions such as ferrofluids. 

. Adsorption of ions or molecules from the dispersion medium depends on the 
characteristics of the surface, most particularly on the electrostatic charge density 
and on the structure of coordination sites. Fixation of various species on the surface 
of oxide particles plays a critical role in many areas: transport of matter in industrial 
or natural waters, catalysis or corrosion phenomena and synthesis of a stable and 
homogeneous dispersion. 

To comprehend and control these phenomena, knowledge of the physicochemical 
characteristics of the surface of the particles is indispensable. Unfortunately, if 
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nanometer-size objects. ^ f„ce often contains defects such as 

surface of very small particles. Secondly, different reactivities. It is often 

.djus,able "»»*'« i„.erp,e.alion of 

lenmrdltrThe next few chapters wilh introduce the reader to the funda- 
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physicochemical properties are also analyzed. 
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Oxide -Solution Interface 



A dispersion of solid particles in an aqueous solution is a two-phase system. Both 
phases are separated by an interface where the system is discontinuous and where 
matter exchange occurs between both phases. These exchanges involve chemical 
reactions, in a first approximation in two-dimensional space, since the thickness/ 
surface ratio of the contact zone is very small. The behavior of reactants must be 
very different whether they are in the liquid phase in contact with the solid or away 
from the surface. Furthermore, chemical reactions involve the surface of the solid 
phases, whose characteristics are neither those of the bulk nor those of the metallic 
ion in solution. In fact, cations at the surface of oxide or hydroxide particles are 
immobilized and subjected to stresses owing to their proximity to the solid. These 
ions, which were mobile in solution prior to the formation of the particles, are now 
part of the solid. However, they still keep a ‘memory’ of their initial properties 
(acid-base characteristics, the ability to undergo ligand exchange) since one side 
of their coordination sphere is still in contact with the solution. However, their 
’properties are now affected by the structural constraints to which they are subjected. 
They are also sensitive to changes in the properties of the neighboring solvent 

(structure, dielectric constant). , 

Two key points characterize the surface of oxide particles and dominate their 
physicochemical properties; the surface is electrically charged and it is highly 
hydrated. 

6.1 ORIGINS OF THE SURFACE CHARGE 

The charge on oxide particles results from the ionization upon contact with water of 
hydroxyl groups on their surface [1-3]. How are these groups formed? 

From a macroscopic standpoint, there is a difference in the chemical potential of 
the constituents in botli phases in contact. Owing to kinetics (low ionic mobility in 
the solid) and thermodynamics (solubility product), migration of cations towards the 
liquid phase and dissolution of the oxide do not occur. The difference in the chemical 
potential of oxygen does decrease through adsorption of water and dissociation of the 
adsorbed molecules, which explains the presence of hydroxyl groups on the surface. 
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Figure 6.1 Water chemisorption on an oxide surface 



From a structural standpoint, the coordination number of cations on the surface 
of an oxide synthesized by ‘dry’ techniques (CVD, electric arc, solid state reactions) 
is necessarily lower than that of ions within the solid. Upon exposure to ambient 
atmosphere, satisfying the coordination number of the surface ion is the driving 
force behind the chemisorption of water which causes its dissociation and combina- 
tion (Figure 6.1). 

When hydroxide or oxide particles precipitate in solution, surface hydroxyls are 
naturally present since they come from the coordination sphere of the last cations 
incoiporated as zero-charge complexes. 

Like hydroxo complexes in solution, surface groups (M-OH) ionize in contact 
with water: 

M-0“ -FH30^ <^=>M-0H-FH20<^=:>M-0H2^ -FHO" 

The charge on surface groups can be negative, positive or zero depending on the 
nature of the oxide, and give the surface a basic, acidic or neutral character 
respectively. 

Acid-base properties of surface ligands are different from those of the ligand on 
the monomeric cation in solution. Firstly, the structure of the surface groups is 
variable. They may be mono, di- or tricoordinated, depending on the structure of the 
solid and the orientation of the crystal in the particle. Because of their proximity to 
one another, these groups are also subjected to short-distance electrostatic interac- 
tions. Such interactions increase the acidity of water molecules and the basicity of 
0X0 ligands. Each type of site will behave differently depending on its own structure. 
As will be discussed later, the charge distribution is inhomogeneous in density and 
in sign, and therefore the problem requires more careful analysis. However, the net 
surface charge density, ao, is defined as 

<^o = 1 - (M-O'l) (6.1) 

where A is tlie surface area of the particles (m^l”') and represents the surface area 
per unit volume of particles, and F is the Faraday constant (96 500C mol"'); the 
quantities in brackets are the concentration (moll"') in charged surface sites, ao 
can be as high as 0.2-0.4Cm"^. This quantity is measurable using potentiometric 
titration (see Section 6.3). 

The surface charge on an oxide is the result of acid-base equilibria. Hence, it is a 
function of pH and of the ionic strength of the solution, ao may be positive, negative 
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Table 6.1 Point of zero charge of several oxides [ 1 ] 



z 


Oxide 


PCN 


-f-ll 


MgO 


^^12.5 




ZnO 


9-10 


-f-111 


a-Fe 203 


■ 5.5-9 




Or-A)203 


6.5-10 


+ 1V 


T1O2 


3.5-6.5 




Si02 


2-4 


+ v 


Sb205 


^0.5 


+ VI 


WO3 


^0.4 



or zero, depending on the medium. The point of zero charge (PZC) is an important 
characteristic of the surface. It defines the pH of the medium for which the charge 
ao becomes zero. Hence, the PZC is a reflection of the acidity of the surface. For 
pH <PCN the charge is positive, whereas for pH > PZC it is negative. The value of 
the PZC is directly related to the nature of the oxide and depends on several factors. 

(i) Polarization of surface groups by the cation. This polarization is related to the 
size and the charge of the cation. If the cation is small and more charged, the 
electron transfer M<— O becomes important and the basicity of surface oxygens is 
small. Hence, surface groups behave as stronger acids. Table 6.1 (see also Table 7.1) 
gives the PZC of various oxides. 

Reversal of the charge, i.e. a change in the sign of ag, can be obtained by 
modifying the pH if the PZC is neither too high nor too low. If this is not the case, 
the sign of the charge and its magnitude are almost independent of pH, as in the 
case of molecules and strongly basic or acidic ions in solution. 

(ii) Crystal structure and particle morphology. They impose the coordination and 
the relative proportions of mono-, di- or tricoordinated hydroxyl surface groups. 
Since each type exhibits 'different acid-base properties, the PZC of the oxide will 
be dependent on the crystal structure and the particle morphology. This is why the 
PZC of a-FeOOH is 9.1 whereas that of 7 -FeOOH is 7.4 (see Table 7.1). 

(iii) Heat treatment and physicochemical history of the oxide. Both factors have a 
strong influence on the PZC. Particles fired at very high temperatures are less 
readily hydrated and hydroxylated. Below 200 °C, molecular water physisorbed 
via hydrogen bonds on surface groups is removed. The surface groups remain 
unaffected up to about 400 °C. At about 700 °C, hydroxyl groups dehydrate if they 
are adjacent to one another (two groups are required to eliminate a water molecule). 
When only isolated groups remain, no further dehydration can occur if the tempera- 
ture is not high enough to allow their diffusion on the surface. This is the only 
possibility for a reaction and water elimination. This occurs at temperatures ranging 
from 800 to 1000 °C, depending on the oxide [4]. Rehydroxylation upon contact 
with water is usually slow, and oxides that have been subjected to high firing 
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temperatures (and hence are highly dehydrated) will exhibit a PZC significantly 
different from that of a fully hydroxy lated material [1], During rehydroxylaUon the 
PZC shifts slowly back towards that of the completely hydroxylated material. This 
process may take several weeks or even several months. Acidity changes that 
parallel hydration variations may be due to changes in the coordination number of 
surface groups and to modification of the crystal structure in the near-surface 
volume of the particle [5]. 

The history of the particles and their morphology have a considerable influence 
on their surface properties* Specifically, treatments to which they have been 
subjected during synthesis, as well as the presence of adsorbed species, may be the 
reason for the various PZC values reported in the literature for ‘identical’ materials. 
For some materials, these values can differ by several pH units (Table 6.1). 



6.2 SOLVATION AND STRUCTURE OF THE INTERFACE 

As with ions in solution, the polarity and ionization of surface groups cause their 
solvation. The presence of a hydration layer on the surface of particles plays a major 
role in the behavior of colloidal dispersions. 



6.2.1 SOLVATION OF THE PARTICLES 

In an earlier section, we saw that hydrogen bonds in liquid water are responsible for 
a number of properties of the liquid, and that the presence of ions ‘^e 1 *^“*'*/°''" 
alter its local structure (see Chapter 1). The surface groups M-OH, M-OH^ and 
M-0" are polarized and develop very strong interactions with water. They also 
have a very strong structuring effect on the liquid. Measurements ^mersion ^d 
adsorption heats, as well as dielectric measurements on a-Fe 203 . Th 02 or 61 U 2 , 
show that the 2-3 layers of physisorbed water adjacent to the first chemisoibed 
water layer are immobilized by pairs of hydrogen bonds forming an order similar to 
that of ice. These bonds are still present at room temperature [3,6-8] (Figure 6.2). 



H.q.H 



9 ? 9 . 

M M 






second physisorbed layer 
first physisorbed layer 
chemisorbed groups 



Figure 6.2 Adsorption of water on an oxide surface. From [6] by permission 
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The ordering of solvation layers disappears away from the surface. Beyond a 
distance ranging between a few angstroms to a few tens of angstroms, depending on 
the nature of the oxide, water recovers its liquid characteristics [9]. Large amounts 
of water may participate in the solvation of a surlace. The hydrodynamic size of the 
particles, measured by quasi-elastic light diffusion, is very frequently greater than 
the size observed by SEM or XRD. The 80 A 7 -Fc 203 particles (as measured by 
microscopy and XRD) have, at pHw 2 (positively charged surface), a hydrodynamic 
diameter of approximately 140 A. Therefore, a 30 A thick layer of water is trans- 
ported with the particles in their movement within the suspension. 

The thickness of the highly structured hydration layer is usually a few molecular 
diameters. It increases with increasing polarity of the surface and increasing surface 
charge density. This solvation water constitutes the ‘Stern compact layer’. Its 
characteristics (thickness, dielectric constant) are difficult or impossible to determine 
experimentally, but its presence allows the differentiation of interactions between 
surface and several electrolytes: proton, hydroxyl ion and ions that are inactive 
from acid-base standpoints (see below). 

The transition zone between the ordered layers of solvent, the first of which 
are strongly attached to the surface, and ‘liquid’ water is characterized by the 
‘destructuring’ of the solvent. It is a process similar to that around ions in solutions. 
Water molecules within this zone are subject to competing forces: forces due to 
neighboring molecules in the solution, and forces due to orientation imposed by the 
surface of the particle. Within this zone the viscosity of the solvent is minimal, and 
this is where the solvent ‘glide’ or ‘shear’ takes place when the particles moves [9]. 
The structure imposed in the solvation layers influences the forces exerted at short 
distance between hydrated surfaces [ 10 , 11 ]. 

6.2.2 SURFACE -ELECTROLYTE INTERACTIONS 

The presence of a network of hydrogen bonds in the entire liquid phase, including 
the solvation layers of the particles, allows easy diffusion of H’*' and HO“ ions 
towards the oxide surface. These ions participate in chemical reactions taking place 
on hydroxyl groups, and the structure of water near the surface does not hinder their 
movement. Of these two ions, the proton is the only one truly chemisorbed since it 
forms OH or OH 2 ligands. HO” ions deprotonate surface ligands to form water. 
These ions are responsible for the charge (Tq [equation (6.1)], and for the potential 
created by this charge. Protons and hydroxyl ions are called potential-determining 
ions, or PDIs. 

The non-specific electrostatic forces caused by the surface charge attract ions of 
opposite sign (counterions) and repel ions of same charge (co-ions). Depending on 
the nature of the counterions, their interaction with the surface will be more or less 
strong. 

Ions of relatively weak charge density {ions such as Cs’*’. [N(CH 3 ) 4 ]’*’, [CIO 4 ]”. 
see Chapter 1 } cannot penetrate the strongly structured water layer near the oxide 
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Figure 6.3 Oxide- aqueous solution interface 

surface. The minimum distance they are able to reach corresponds to the thickness 
of the Stern layer. This limit is called the outer Helmholtz plane, or OHP, and 
corresponds to the glide plane of the solvent (Figure 6.3). 

When subjected to electrostatic attraction and thermal agitation, counterions 
form a diffuse layer in the solution, beyond the OHP. The electric potential 0<i 
caused by the surface charge and measured at the OHP (at the limit of the diffuse 
layer) is the zeta potential, C, which is calculated from the electrophoretic mobility. 
This is the only measurable potential for oxide particles. The charge of the diffuse 
layer, aj, represents the countercharge of the particle (Figure 6.3). Since it compen- 
sates for the surface charge, electroneutrality imposes ao + = 0. 

Some ions are attracted towards the surface by electrostatic forces and have a 
particular affinity for the solvation layer. With oxides, the structuring ions penetrate 
the ordered solvent layer most easily because they have a tendency to preserve local 
order in the zone. Alkalis, for example, are adsorbed on negatively charged oxide 
surfaces in the following sequence Li^>Na^2>Cs'''. This order is due to the fact 
that water molecules are poorly mobile near the surface and compensate the entropy 
loss by an increase in bond energy with the most strongly hydrated cations [1 1] (see 
also the study on flocculation in Section 8.1.5). On the other hand, Agl colloids 
adsorb more specifically on destructuring ions [12], Ag"^ and I are also destimctur- 
ing and do not cause strong solvation of the surface. 

The mobility of ions within the solvation layers is limited by the strong structur- 
ing of the layer and the strong electrostatic forces near the surface. This was clearly 
demonstrated in NMR investigations of the relaxation times of Na adsorbed on 
the surface of silica [13]. The relaxation time of adsorbed Na+ is longer for ions in 
solution, but does not allow the formation of ion pairs or complexes with negatively 
charged’sites on the surface. The solvation layers of the adsorbed Na+ do not appear 
to be affected and, since these ions are only subjected to non-specific electrostatic 
forces, they are only constrained riot to difiuse outside the solvation layer of the 
panicles. The chemical component of the free enthalpy of adsorption of these ions 
is zero. Their bonding energy is of the order of a few kT [14]. Interactions between 
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ihe ion and the surface probably occur via hydrogen bonding between charged 
groups and solvated surface groups as in 

Si-0”-H .H-0^ 

^ ;o: Na(OH2)4^ 

Si-0“-H ■•H-O 

The role of the counterions on a charged surface is not limited to maintaining the 
electroneutrality of the dispersion. Since these ions are near the surface, they also 
shield electrostatic repulsions between charged groups, which modifies the surface 
charge. At a given pH sufficiently far from the PZC, the number of charged sites is 
limited by their mutual repulsion. Attenuation of this repulsion by the counterions 
adsorbed in the solvation layer allows an increase in the surface charge. Therefore, 
the surface depends, for a given pH, on the concentration of counterions, and hence 
also on the level of shielding. This is the salt effect, which is used in the experi- 
mental measurement of the PZC (see Section 6.3). 

Some ions or molecules are attracted to the surface by non-specific electrostatic 
attractions and are able to penetrate the Stern layer and bind chemically on surface 
sites. Most often, these ions are complexing anions, easily hydrolyzable cations or 
neutral molecules forming true coordination complexes with surface groups. 
Depending on the strength of the interaction between the adsorbed species and the 
surface, inner sphere or outer sphere complexes are formed. These species are called 
physisorbed or chemisorbed, respectively. This phenomenon is known as ‘specific’ 
adsorption, or surface complexation, and a chemical term appears in the free 
enthalpy of adsoq^tion. Specific adsorption is further discussed in Chapter 9. 



6.3 EFFECT OF IONIC STRENGTH AND DETERMINATION 

OF THE PZC 

The net kirface charge ao — {FIA) ([MOH^^] - [MO^J) is a function of the acidity 
of the medium. pH measurements and titration curves give access to the amount of 
protons or HO“ ions consumed after known additions of acids or bases to the 
colloidal suspension. They allow calculation of the charge of the panicles [2,15,16] 
(Figure- 6.4). Since the absolute value of the charge is not known a priori, a single 
acid-base titration curve does not allow determination of the PZC. Therefore, the 
electrostatic shielding effect of charged surface sites by the ions in the electrolyte is 
used. 

At a given pH, the net surface charge increases with increasing electrolyte 
concentration, as shown in Figure 6.4. Electrolyte ions accumulating at the OHP or 
penetrating further into the Stern layer (cations if the charge is negative, anions if it 
is positive) shield on the one hand the repulsions between charged surface sites, and 
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Figure 6.4 Variation in the surface charge of Ti02 anatase as a function of the pH of NaCl 
solutions for several concentrations. Reproduced by permission of Academic Press from [17] 



on the other hand the repulsions between the surface and the PDls (protons, 
hydroxyl ions). The latter become less repulsed by the surface. With the addition of 
the electrolyte, more sites are ionized and the surface charge increases. At the PZC, 
the electrolyte has no effect. This is why all curves have a common intersection 
indicating the PZC, or point of zero salt effect [18]. 

The sol or suspension is at equilibrium for a given pH, for example basic, in the 
presence of an electrolyte that does not adsorb specifically (KNO 3 , for example) 
(point 1, Figure 6.5). It is subsequently titrated until point 2. At this point, more 
electrolyte is added. The pH increases and the positive charge increases until point 
3. The suspension is then titrated by a base until point 4. More electrolyte is added 
(point 5) and an additional titration by a base is carried out (point 6 ). If indeed 
the electrolyte is indifferent, which means that its ions are subject only to the 
electrostatic constraints, all curves will intersect at the PZC. At the onset of the 
experiment, the surface charge is unknown and the first curve cannot be placed on 
the y axis. But the intersection point of all subsequent curves, indentified as the 
PZC, allows a determination of the origin of the charge axis. Hence, if for a given 
oxide and several electrolytes of varying concentration the same intersection point 
cTo = f (pH) is obtained, it is clear that this point is the PZC and that no specific 
adsorption takes place. 

If the electrolyte contains an ion specifically adsorbed, the intersection point of 
the cTo = f (pH) curves shifts and no longer represents the PZC determined with 
‘indifferent’, or non-specifically adsorbed ions. Specific adsorption of cations shifts 
the intersection towards lower pH; anions shift it towards higher pH. For example, 
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Figure 6.5 Proton titration curve of an oxide suspension for various electrolyte concentra- 
tions. Reproduced by permission of Academic Press from [18] 




Figure 6.6 PZC for hematite, a-Fe 203 , as a function of the electrolyte; (a) KCl, (b) LiCl, 
(c) Ca(N 03 ) 2 - The PZC shift is more pronounced with Ca^*^ since it is more strongly 
adsorbed than Li'*’. From [19] by permission 



specific adsorption of Ca^"^ on q-Fc 203 shifts the PZC from 8.5 to 6.5 (Figure 6 . 6 ), 
whereas adsorption of increases it from 8.5 to 9.5 [19-21], 

Specific adsorption of cations near a negatively charged surface shields the 
negative charges and promotes desorption of protons on adjacent sites. Cancelling 
the charge requires a pH lower than in the absence of any adsorption, causing a 
decrease in the PZC. Similarly, anions adsorbed on a positive surface increase the 
PZC. In this case, ao = f (pH) curves for various electrolyte concentrations no 
longer have a common intersection point. The greater the affinity of the ion for the 
surface, the greater the shift in PZC. If the ion affinity is very high, the surface may 
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be saturated at very small concentrations. In this case, the ao = f (pH) curves do 
have a common intercept but it does not shift with electrolyte concentration. This is 
why it is necessary to Use several electrolytes to measure the actual position of the 
PZC. 



6.4 COMPONENTS OF THE SURFACE COUNTERCHARGE 



When particles are suspended in a medium of given acidity, they acquire, in the 
presence of an electrolyte that does not adsorb specifically, a positive charge for 
pH < PZC, or a negative charge for pH > PZC. How is this surface charge compen- 
sated for in the solution and how can the shielding effect of counterions be 
measured? 

Shielding of charged surface sites is described quantitatively by the Esin- 
Markov coefficient, p [18,22]. This coefficient was introduced initially in the case 
of the mercury/electrolyte interface. It represents the variation in applied potential 
required to maintain a constant surface charge when electrolyte acitivity increases: 

dE 

where E is the applied external potential and 7 is the electrolyte activity coefficient 
at concentration c. 

The surface potential of oxides is related to the concentration of PDIs, and hence 
it is also related to the pH. Therefore. /? can also be expressed as 

9(log7c)^ 

Experimentally, (3 is determined using the ApH/Alog 7 C ratio, which represents 
the horizontal distance between the curves in Figure 6.4 for a given spread in ionic 
activity of the medium. The usefulness of this parameter is that it allows a calcula- 
tion of the components of the countercharge of the colloid. 

If a~ and cr'*' are the respective contributions from anions and cations to the 
surface countercharge, then cr” -I- cr'" = -cto, where (Tq is the net surface charge. 

Thermodynamic considerations [19] show that in the case of an electrolyte 
[z^: z~] 



/j = -T-Z±£ 

^ z+ z+z- 



daoj^ z 



+ 2 



where a is the ionic activity. 

For a [1 : 1] electrolyte, integration of these expressions gives 
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Figure 6.7 
PZC 



Concentration profile 



of the constituents to the surface countercharge near the 



where ap^Q + ap 2 ,c = ‘^pzc ‘^pzc contributions of the cations 

and anions to the countercharge at PZC (ao = 0). 

If there is no specific adsorption and if the number of ionized sites is zero at PZC 
(see Section 7.1.3), then ap^^ — ^pzc ~ ^ /3 = 0 at the PZC. 

Near the PZC (P ^ 0), we may write da^ /dao ^ da ^ /Oao ^ -1/2 and 

Cr” ^ — CTo/2 

This shows that cations and anions have an equal contribution to the compensation 
for the surface charge. At the PZC, there is no charge and no countercharge, but if 
cTu becomes slightly positive, for example, half the charge a^ is compensated for by 
excess anions from the electrolyte (counterions attracted by the surface), and the 
other half is provided by a deficit in cations (co-ions repelled by the surface). The 
ionic concentration profile is shown in Figure 6.7. 

If the surface charge increases, the P coefficient increases in absolute value 
towards ± I . If ao < 0,P decreases towards - I , towards 0 and a'^' towards ~-ao. 
If (Jo > 0, P increases towards +1, a' towards 0 and towards -ao- Essentially, 
the electric charge is compensated for by ions of opposite charge [22,23]. Ions of 
the same charge as the surface are repelled and their concentration is negligible near 
the surface. 
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Modeling of the Oxide -Solution 

Interface 



To the previous phenomenological considerations, it is necessary to add a 
quantitative approach that could link the characteristics of the medium with those of 
the surface. More specifically, the acid-base characteristics of the surface and the 
charge variation as a function of pH must be characterized. Unfortunately, very few 
surface-specific experimental quantities are accessible to experiment, and the 
structural details of the surface are usually unknown or impossible to determine. 
Building a model of the oxide-solution interface is therefore required in order to 
understand the behavior of particles in suspensions. 



7.1 SURFACE ACIDITY 



Is it possible quantitatively to describe the variation in the surface charge of an 
oxide with the acidity of the medium and predict the value of the PZC? 

Structural considerations aside, surface group acidity can be characterized by the 
following equilibria: 



-MOH+ 4=^ -MOH + 
-MOH 4=^ -MO“ + H + , 



0 _ [-MQH][H,^] 

[-MOH2M 

0 _ 

[-MOH] 



(7.1) 

(7.2) 



The constants and K^_ involve the local proton concentration [H + ] in equilibrium 
with surface groups in their immediate environment. These protons are subjected to 
the electrical charge of the surface. In order to relate the local proton concentration 
to the proton concentration in the solution in zones unaffected by the surface charge, 
we must consider their electrochemical potential. 

The electrochemical potential fi* of ion i of charge z- subjected to a local electro- 
static field is expressed as a function of its chemical potential fii as 



= Fi + ' 
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where F is the Faraday constant, 96 500 Cmor'. For the / species distributed 
between two phases A and B, the equilibrium condition is 

/h’A = A/b 



or 

/^A + ^>A + A ■'/'a = 

where C,a and C,b are the concentrations of ion i in both phases (c,- = C,/AtA. with 
C,- being the concentration in moll and N/^ Avogadro s number). 

Assuming that the standard chemical potentials are the same in both phases, 
and that the electrical potential is zero in one of them {ipu = 0). we can write 

C,A = C,B exp(-z, Fi/'A//<7') 

This is Maxwell-Boltzmann’s equation, in which tpA is the electrical potential at 
the point where C,a is measured. If C,oo is the concentration in ion i far from the 
particle, in the zone not affected by surface electrical charge, the concentration of i 
at a distance r is 

Cir = ClooCXp{-Zl Ftlj,ll<T) 

For the protons subjected to the electrical potential -ipo at the surface of the paiticles, 
we can write 



[H+l = [H'lexp(-AV'o/«'0 

[H^ ] is the proton concentration in the solution, far from the interface (which 
controls the pH). Using (7.4) in (7.1) and (7.2) gives 



K 



0 

+ 



-MOH][H+] 

[-MOHJ 1 



Q\p{-F%/Rr), 






|-MO-](H + 
[-MOH] 



exp 



{-Fi>JRT) 



or 

exp(-Fi/-„/«7'), = a:' exp {-F%/RT) (7.5) 

In these expressions. ^ and are the affinity ratios. They are called the intrinsic 
constants and characterize the acidity of surface groups in the absence of an electiic 

field (V'o = 0). . . . • f ,• I ■ 

One of the main difficulties in understanding the physicochemistry of particles is 

the identification of the reaction si'tes on the surface. Most often, the effective 
structure of the surface is unknown. The solid may be amorphous or, if it is 
crystallized, the identification of faces and their relative amounts cannot be known. 
The morphology of the particles is also difficult to determine and it is not necessarily 
uniform. Electrophoretic measurements allow the determination of the acidity 
ranges in which particles carry a positive or negative charge. With this technique it 
is also possible to determine when the sign of the surface charp changes. Since 
more detailed information is not available, we are limited to considering an average 
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behavior of the surface, with one type of amphoteric surface sites. This means that 
the sites involved in equilibria (7.1) and (7.2) are the same as those involved in 
equilibria (7.5). It is obvious that this description of the surface sites is chemically 
unrealistic, because two protons reacting on the same ligand would involve consi- 
derable electrostatic repulsions. For monomeric species in solution, the same cation 
cannot successively exhibit the three aquo, hydroxo and oxo forms. For surface 
sites, the constraints that limit acid— base equilibria are even stiongei. 

In the absence of a good technique able to characterize reaction sites, surface 
acidity is considered to be an average value. The constants and K°_ (or K and 
/C") related to amphoteric sites are often treated as adjustable parameters in models 
of the oxide-solution interface. A model of multiple site complexation has recently 
allowed a better description of the surface of oxide colloids, as well as an 
interpretation of their behavior. 

7.1.1 SURFACE ACIDITY.INTRINSIC CONSTANTS: THE 

MULTISITE COMPLEXATION (MUSIC) MODEL [1,2] . 

The model is. partially derived from analyses by Kossiakoff and Marker [3] and by 
Parks [4]. The model assumes that it is possible quantitatively to assess the strength 
of oxyacids using electrostatic considerations. 

The acid-base character of oxygenated surface groups is a function of the degree 
of compensation for the charge on oxygen by the surrounding cations. In an ionic 
solid, electroneutrality results from the mutual and local compensation foi the 
charge of ions surrounding themselves with ions of the opposite charge. In order to 
account for the geometry of the ionic arrangement, Pauling introduced the concept 
of formal bond valence, v = z/N. defined as the ratio of the charge of the cation z to 
its coordination number N. It expresses the degree of charge compensation for a 
bond. For example, in Al(OH) 3 , gibbsite, the -p3 charge of aluminum in coordina- 
tion 6 is compensated for by that of six OH~ ions. The bond valence of the cation is 
V = z/N = 3/6 = 1/2. In other words, the charge of each HO in the solid is 
compensated for by a fraction of the charge of two Al^ ' . The charge of the anion is 
equal to the sum of the bond valences around it, and the compound can be formally 
written Al(OH)6/2- 

Compensation for the negative charge of surface oxygens by coordinated cations 
is not always complete. A formal partial charge 6 may remain on the surface 
. ligands. For example, for singly coordinated OH ligands, the formal charge 6 can be 
variable: 



Si-OH 


y = 4/4 = 


1 


6 = 


1 - 2 -fl = 0 




Si-OH° 


Ti-OH 


V = 4/6 = 


2/3 


6 = 


2/3 -2-F 1 = 


-1/3 


Ti-OH” 


Al-OH 


y = 3/6 = 


1/2 


6 = 


1 /2 - 2 -F 1 = 


-1/2 


Al-OH”'/^ 


Mg-OH 


V = 2/6 = 


1/3 


6 = 


1/3 -2-F 1 = 


-2/3 


Mg-OH”^/^ 
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For a doubly or triply coordinated OH: 



AI 2 -OH 11 = 1/2 <5 = 2x1/2-2+11=0 Al 2-OH° 

AI3-OH 12=1/2 <5 = 3 X 1/2-2+ 1 = +1/2 Al3-OH+'/2 

The charge 6 = nv - 2 + /;(/; is the number of protons of the surface ligand) on the 
oxygen atoms causes them to exhibit an acid-base character. Their prolonation 
equilibria are 

<;=+> K„^i (7.6) 

+H+ (7.7) 

For consistency with the previously defined constants, the intrinsic dissociation 
constants are 



[M„OH 



and 



K.OHf’l . 



Since the acidity of a group increases with increasing positive formal charge, the 
MUSIC model allows a simple calculation of acidity constants, starling from 
electrostatic considerations. 

The change in free enthalpy of reactions (7.6) and (7.7) includes a purely 
electrostatic component corresponding to the electrical energy involved as the 
proton comes closer to the surface, and other ‘chemical’ components AG^^: 



AG^ - AG^i + AG^i, 



(7.8) 



The calculation consists in calculating the 'ejectrostalic term and in describing 
explicitly the parameters involved in the constants The use of the bond 

valence concept simplifies the calculation by providing a way of removing the 
infiuence of other ligands in the coordination sphere. 

Assuming point charges, the term AG^j, is due to the approach of the proton and 
to 0-H or OH-H and M-H interactions: 



47:6 \r 47:62^ 

where L is the M-H distance, r is the 0-H distance (Figure 7.1), Zh = 1 , Zq = "2 
and Zqh = — 1- Here C\ and £2 the microscopic effective dielectric constants, 
and 62 has no real physical significance owing to the simplicity of the model. It is 
involved in only one term representing a sum of electrostatic interactions. 

Taking into account K as the dissociative constant of the considered reactions, 
the equilibria constant is 



AC° = -R'f ln(l//i:) = AG° + AG°, 



(7.10) 
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Figure 7.1 Geometiy of the -M-OH surface groups 



or 



-/?'/'ln(l/A:) = AG°|, + 

47T£ir 

oragain 

log(l/A:) = pK = A 
with 



nZiivNe^ 

4t:62L 



( 7 . 11 ) 

( 7 . 12 ) 



23RT47xeir ~ 23RT 



and 



B - 



Z^Ne^ 

23RT47XE2 



where A and B are constants which can be estimated using solution chemistry data. 
They are needed in the calculation of the intrinsic constant K, using v and L. 

The protonation of 0 x 0 or hydroxo monomers in solution: 



(7.13) 

+H+ <1=4> K’[\2 (7.14) 



is characterized by equilibrium constants [5] which are indeed correlated to the 
v/L ratio for elements of similar electronic structure. This is true for a wide 
range of formal charges (1-5) and coordination numbers (4-8) (Figuie 7.2). The 
intrinsic constants in the prolonation equilibria of monomers can therefore be 
written as 






Bv 

T 



(7.15) 



which is analogous to (7.12) for n = 1. 

The parallel straight lines in Figure 7.2 indicate that the successive protonation 
constants of 0 x 0 and hydroxo species are about 14 units apart. This difference is 
roughly the same for water couples (H 30 ‘‘'/H 20 , pK = 0, H20/H0~, pK = 14). 
This difference is quite large because the protonation steps take place on the same 
ligand and involve strong H-H repulsions. In polyacids, successive pK values are 
distant by about 5 pK units [6]. 

One may assume that for surface reactions the main difference with monomeric 
species in solution is the AG^j^ temi in the expression for the intrinsic constant 
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20 

logK^ 1 ,x 
10 



0 

0.2 0.4 0.6 

Figure 7.2 Proionalion con.siarus of hydroxo and oxo monomer complexes as a funclion 
of Ihe bond-valence/M-H distance ratio. • is for the protonation of neutial hydioxo 
complexes of metals with a rare gas configuration (logK',';^); O is for the protonation of oxo 
forms of the same elements (logTf',",). Constants logTf';;, and logTf'", of elements are 
denoted by ■ and □, and those of water (OH and H^O) are labeled x; L values are estimated 
from ionic radii. Reproduced by permission of Academic Press from [1] 

[equation (7.11)], assuming that the difference between Ai„,i and K „^2 remains the 
same. For aluminum, the protonation constant of the Al(OH )3 monomer, K'l' 2 , is 5.7 
[5]. In gibbsite Al(OH) 3 , a material well defined structurally and involving mono- 
coordinated surface groups -Al(OH)''^^ the experimentally determined Mi , 2 is 
10 ±0.5 [1]. The difference between pK values is, caused by the structural and 
proximity constraints to which the protonable groups are subjected. ^ 

In order to obtain the pK of surface groups, it is necessary to change the A‘ term in 
(7.15), i.e. effectively shift the straigtht lines in Figure 7.2. Using the experimentally 
determined value of the protonation constant of simply coordinated Al-OH groups, 
one obtains average values A = 34.06 and 20.16 (for M„,i and M „,2 steps respec- 
tively) and B = 52.7 (L is in angstroms). Used in (7.12), these values allow the 
calculation of protonation constants of singly, doubly or triply coordinated groups. 
The M-H distance, L, vvhich varies in each case, is obtained from crystallographic 
data. A few examples are given below. 

Gibbsite Al(OH )3 particles look like hexagonal platelets (Figure 7.3). The large 
faces 001 only exhibit doubly coordinated OH groups (density is 13.8 groups/nm ). 
The sides of the particles {hkO faces) contain single and doubly coordinated OH 
groups (9.6 and 4.8 groups/nm^ respectively). For singly coordinated groups, the 
L(m_h) distance is 2.59 A [2]. Equation (7.12) gives 

pKi,2 = 20.16 - 52.7 X 0.5/2.59 = 9.98 
-Al-OH-'/^ ± H+ -Al-OH2"^^ pK, ^ = 10 
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001 face (AI 2 OH) 




hkO faces (AI 2 OH + AI-|OH"i/2) 

Figure 7.3 Gibbsite particle Al(OH )3 

I 

For doubly coordinated groups [T(m-h)= 2.43 A], a similar calculation gives 

pK2,i = 34.06 - 52.7/2.43 = 12.37 

_Al2-0- ± H+ -AI 2 -OH, pK2,i = 12.3 

and 

pKj 2 = 20. 16 -- 52.7/2,43 = -1.53 

-AI 2 -OH + H+ <f=4> -AI 2 -OH+, pKj 2 = -1.5 

The pK of the -A10“/-A10H"''^ equilibrium (pK,., =23.88) is very high and the 
singly coordinated groups are therefore present only as -Al-OH “ or -Al- 
OH 2 depending on the pH. Doubly coordinated groups exist only as -AI 2 -OH 
within the usual pH ranges. 

Acicular particles of goethite cv-FeOOH have three types of face. The 100 faces 
bear singly (1), doubly (11) and triply coordinated (111) OH ligands (Figure 7.4). The 
density of all three types is the same (3.3 groups/nm^), as calculated using the 
dimensions of the unit cell. The 010 and 001 faces carry type (1) and type (11) groups 
(7.1 and 8.6 groups/nm^ respectively). 

The calculated protonation constants are 

-Fe-OH-‘/^ ± H^^ -FeOH pK ,_2 = 10.7 

-Fc2 - 0“ ±H+ -FC2-OH PK 2 ,, = 13.7 

-Fe2-OH + H+ <f=4> -Fc2-OH + PK 2 2 = 0. 1 

-Fej-O^'/^TH^ 4 =^ -Fej-OH '"'''^ pKj , = 4.3 

The -Fc 2 -OH groups are chemically inert and do not contribute to the charge 
within usual pH ranges. Figure 7.5 shows the degree of protonation of various 
surface groups as a function of the acidity of the solution. 

Ce02 is also a good example [7]. The 100 faces of the particles carry doubly 
coordinated groups Ce^-OH (6.8 groups/nm^). The 1 1 1 faces carry tricoordinated 
Ce 3 -OH and singly coordinated Ce-OH groups in equal amounts (7.9 groups of 
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Fe 30 _(H) Fe20H(2) FeiOH(2) 



Fe20H(2) 

FeiOH( 2 ) 



Fe-|OH( 2 ) Fe20H(2) 



Figure 7.4 Crystal of goelhite showing the surface structure of faces 100, 001 and 010 



Figure 7.5 Protonation range of various groups on the surface of goethite 



each type/nm"^). The same is 
calculated acidity constants are 



Modeling of the Oxide-Solution Interface 231 

Table 7.1 Characteristics of the hydroxylated groups on the surface of aluminum oxide 
AI2O3 

Surface groups ■ -Al-OH -AI 2 -OH -AI 3 -OH 

Calculated pK„,i 24 12.3 1-6 

Bond energy of the proton (eV) [ 8 ] 21 19.4 17.7 

Infrared absorption frequency (cnC') [9] 3785-3800 3740-3745 3700-3710 



Equilibria (a), (c), (d) and (f) do not occur within usual, acidity ranges. The only 
surface groups present are Cei-OH Ce 2 -OH*^ and Ce 3 -OH’*’ 

The 100 faces, which carry only doubly coordinated groups [equilibria (c) and 
(d)], remain practically unchanged in the entire acidity range. Faces 111 and 110 
are always unchanged at any pH [equilibria (b) and (e)]. The PZC of these faces 
(which is in fact an isoelectric point, see Section 7.1.3) is close to 7 since they have 
both types of group. Therefore, when the morphology of the particles and the 
crystal structure of the faces are known, it is possible to calculate the charge as a 
function of solution pH, and to calculate the PZC (see Section 7.3.3). 

The calculated values of the equilibrium constants are quite reasonable (see 
Section 7.3.3). The acidity of surface groups increases notably with the degree of 
coordination of the hydroxylated groups. This effect can also be shown by calculat- 
ing the bond energy of the proton in the hydroxyl groups coordinated to the surface 
of. model clusters [8]. The bond energy decreases with increasing coordination of 
oxygen (Table 7.1). The weakening of the 0-H bond with the coordination number 
of the hydroxyl ligand is also reflected in the decrease in its infrared resonance 
frequency [9] (Table 7.1). 

It is interesting to note that, in these examples, no group exhibits amphoteric 
character, in spite of the fact that- some faces of the particles might be positively 
or negatively charged. Each type of group is only involved in one protonation 
equilibrium over the entire pH range. Therefore, the successive involvement of two 
protons on the same group appears completely unrealistic. This seems to be a general 
property of the surface of oxide particles that is contrary to widely held beliefs [10]. 

A thorough analysis of the origin of the electrostatic charge can explain the 
preferential development of some faces of a crystal. It also explains, to a certain 
extent, the irreversible and ordered aggregation which leads to the formation of 
tactoids [11] (see Chapter 8). 

7.1.2 EVALUATION OF THE PZC 

If details of the morphology and structure of the particles are unknown, surface 
acidity and PZC can be characterized only using average values of the equilibrium 
constants. It is assumed that surface groups are able to react with two protons at 
most, to form a molecule of coordination water, which leaves an uncompen- 
sated charge +v on the metal [12]. The approach taken by Parks [4] and the 
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MUSIC model allows us to write the following equilibrium: 



characterized by the intrinsic dissociation constant 

^ “ [MOH”l 

At the PZC, the overall neutrality of the surface imposes 
(2 - = u[MOH"l 

The constant in (7.17) may therefore be expressed as 



_ pzcl^ 

2 - i; 



(7.16) 

(7.17) 



or 

pK = log + 2PZC (7.18) 

V 

Substitution of (7.17) in (7.12) gives 

1^12 U 

PZC=A-fl log (7.19) 

L 2 V 

In this equation, the A and B terms are constants analogous to the constants 
in equation (7.12). In this case, both protons are treated as a single point charge 4-2; 
L is the M-H distance. 

Constants A and B are calculated using the experimental values of the PZC of a- 
AI2O3 (PZC = 9.l) and MgO (PZC= 12.4) [12]. The calculated values of the PZC 
for oxides and hydroxides are generally in good agreement with experimental data 
(Table 7.2) [4,12]. 

Since A and B are calculated with 6-coordinated elements (7.19), there is a large 
difference for compounds with a coordination number different from 6. In solids 
containing hydrogen bonds, the experimental PZC is lower than the calculated one 
because hydroxyl ions in the lattice tend to anchor. hydroxyl ions of the solution 
within the surface layer [4]: 

-M-OH 4- OH^ > -M-OH • - • OH^ 

This anchoring is not dissoc.iative. Corrective terms must be added to equation 
(7.19) for elements stabilized by the crystal held because the CFSE is involved in 
the AC°|^ term of equation (7.12). 

This model of the PZC and surface acidity constants appears to provide us with 
a rather simple and accurate chtiracterization of the mechanism by which an oxide 
or hydroxide surface acquires a charge in an aqueous solution. In the absence of 
stRictural data, the reversal of the surface charge is explained by considering an 
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Table 7.2 Calculated and experimental data for the PZC of various solids [12] (the solids 
coniaining hydrogen bonds are in italics) 



Material 






Coordination 




PZC 


z 


M 


Ligand 


V 


v/ L 


calc. 


exp. 


MgO 


2 


6 


6 


1/3 


0.107 


12.4 


12.4 


Mg(OH)2 


2 


6 


3 


1/3 


0.109 


12.3 


12 


Zr 02 


4 


8 


4 


1/2 


0.153 


12.1 


10-11 


ZnO 


2 ' 


4 


4 


1/2 


0.167 


x9.3 


x9.3 


Zn(OH )2 


2 


4 


2 


1/2 


0J69 


x9.2 


x7.8 


a-Al 203 


3 


6 


4 


1/2 


0.171 


x9.1 


x9.1 


aMOOH 


3 


6 


- 


1/2 


0J70 


x9.2 


x7.7 


tAIOOH 


3 


6 


- 


1/2 


0.17 1 


x9.r 


x8J 


a“Fc 203 


3 


6 


4 


1/2 


0.164 


x9.4 


x9.4 


a-FeOOH 


3 


6 




1/2 


0.164 


x9.5 


x9.I 


'y-FeOOH . 


3 


6 


- 


1/2 


0.166 


X 9.4 


x7.4 


Th 02 


4 


8 


4 


1/2 


0.145 


10.5 


X 9-9.3 


Y 2 O 3 


3' 


6 


4 


1/2 


0.152 


10.1 


x9.0 


Sn 02 


4 


6 


3 


in> 


0.218 


x6.7 


x6.6 


Ti 02 


4 


6 


3 


2/3 


0.224 


X 6.3 


x6.2 


WO 3 


6 


6 


2 


1 


0.340 


xO.3 


xO.5 


Si02 


4 


4 


2 


1 


0.382 


- 1.8 


X 1.8 



average reaction site involving two steps of protonation: 

M-0" 4-211+ <=> M-OH4-H+ <=> M-OHJ 

This corresponds, in the MUSIC model, to nv — I (groups Si-OH^, Al2-OH^, or 
Fe2-OH°, for example). If one of the values of pK is outside the range of pH 
accessible in solution, a single equilibrium occurs and PZC^pK. In some models, 
changes in surface charges with pH are analyzed with equilibrium constants that are 
mere tuning parameters and have no structural significance to the mechanism of 
charge acquisition (see Section 7.3.2). 

7.1.3 POINT OF ZERO CHARGE OR ISOELECTRIC POINT? 

These terms are used routinely in the literature, most often indiscriminately, to 
describe conditions in which the surface charge on colloidal particles is zero. 
However, they are two different concepts that niust be defined clearly. 

The surface charge of an oxide may be zero for two reasons: 

• absence of positive or negative charges. The surface is characterized by a PZC. 
This is the case of the 001 faces of gibbsite (see Section 7.1.1). 

• equal amounts of positive and negative charges. The lEP (isoelectric point) i.s the 
pH at which positive and negative charges compensate each other exactly {hkO 
faces of gibbsite). 
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The difference between PZC and lEP is the fraction of ionized sites when the net 
charge is zero. This fraction depends on the relative strengths of the acids MOHj 
and MOH, and on that of the bases MOH and MO“. (The previous model illustrates 
these concepts quite clearly.) This fraction can be calculated from the intrinsic 
constants of surface equilibria [equation (7.5)]; 

pK--pK* = ApK = logp|l?||^ ' (7 20) 

If ApK is high (ApK>4), [MOH] > [MOH 2 ^] = [MO~]. The acid MOH+ is much 
stronger than the acid MOH, and the base MO“ is much stronger than the base MOH. 
The predominant species is MOH and the number of ionized species is very small. 
In this case, the PZC is used. 

If ApK is small, the MOH 2 ^ and MOH acids have similar strength. The same is 
true for bases MO“ and MOH. The number of charged groups MOH J and MO” is 
large. The oxide is characterized by an lER 

More quantitatively, if N is the total number of suiface groups and 2N^ is the 
number of charged groups when the net charge is zero, we have 

N = [MOH 2 ''] + [MOH] + [MO”j 
N' = |MOH + | - [MO”l 

The fraction of positive or negative groups, 6 = N' /N, is 
1 -20 

ApK - 2 log ^ 

The change in 0 with ApK is given in Table 7.3. 

In the case of ionic solids like Agl, all sites are charged when the net charge is 
zero {0 = 0.5). In this case, the lEP is used. For most oxides, ApK > 2-3. The 
fraction of ionized groups is small when the charge is zero, and the PZC concept 
should be used. 

At the PZC of the oxide [MO“] = [MOH 2 ]. The PZC is therefore defined as 

PZC = l/2(pK+ + pK^) = l/2(pK° + pK° ) (7.21) 

This is of course a very general approach applicable only in the case of a two-pK 
system (two protons involved per surface group, see Section 7.1.2). A more refined 
analysis such as the MUSIC model shows that, in most cases, a single protonation 
equilibrium must be considered per surface group. The pH at which the net charge 



Table 7.3 



ApK 


6 


4 


2 


0 


0 


9.9 X 10-“' 


9.8 X 10-^ 


8.3 X 10-^^ 


0.33 



PZC 



PIE 
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is zero depends on the relative fractions of each type of group, as well as on their 
respective pK. For many oxides, cancellation of the global charge takes place 
through compensation, and most often, such surfaces are characterized by an lEP 
(see Section 7.1.1), 



7.2 SURFACE CHARGE-POTENTIAL RELATIONSHIP 

In order to improve the description of the electric charge distribution around 
particles, it is useful to divide the analysis into two parts: a study of the inner zone 
(the compact layer) and a study of the outer, or diffuse, zone of the double layer. 
The particles are assumed to;be isolated and unable to interact with each other. 



7.2.1 INNER PART OF THE DOUBLE LAYER 

The ionization of surface MOH groups is characterized by the local equilibria (7.1) 
and (7.2). Under fixed acidity conditions, the net surface charge density ao is 

ao = (F/A)([MOHj]-[MO-j) 

where A is the total surface area in Considering the total number of surface 

groups per unit area, (in molm”^): 

- ([MOH 2 +] + [MOH] + [MO”])/A 



we can write 

[MOH|] - [MO“] 

(MOH+l + [MOH] + [MO-j 

which, taking into account (7.5), may be rewritten as 

_ ([H+]//:-^)exp(-FW/^r) - (/C7[H ^l)exp(FW^T) 



ao = FN, 



1 + ([H+]//^+)exp(-P7^om + {K-/[\V'])^xp{FiJo/RT) 



(7.22) 



(7.23) 



which is the equation of state of the surface [13]. It links the charge <jo to the 
potential (at the surface) at a given pH. 

The surface potential of an oxide -fo is not directly accessible to experiment 
because no reversible electrode is able to carry out this measurement. However, it 
would be useful to know if a Nernst-type equation is likely to link the potential V^o 
to the activity of the PDIs in solution. This is the case for the ionic solid Agl: the 
surface charge is acquired via adsorption of PDIs which also form the lattice. The 
adsorption equilibrium of Ag'^ ions, for example, is characterized by the equaliza- 
tion of the electrochemical potentials of these ions in the solid phase and in the 
solution: 

(RAg)c (RAg)s 
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The indices c and s refer lo the crystal and the solution. Therefore 

(MAg)c + ''^7' In + FiP^ = (MAg)s + ■^7' In + FiP^ (7.24) 

Far from ihe panicle in ihe solution, i/'s = 0. and when the net charge is zero (lEP), 

‘'ip^ = 0. Therefore . 

(FAg)c + 7rr In + RT In («; + F^^ (7.25) 

The a' refer to the activities at the lEP. Subtracting one equation from the other, we 

obtain 

y?7'ln(fl^g/flAg)c + /■'V'c = RT\»{“Ag/‘^>Ag)^ 

Assuming that the activity of Ag^ is constant in the crystal even as the charge 
changes, we can write 

RT , , , , . 

(«Ag)c = («Ag)c V-c = y ln(nAg/aAg)s 






*' ~ F [Ag'-l,,,,c 



RT 

2.3 — (pAgpzc - pAg) 



This is the Nernst equation. It is valid assuming that the activity of Ag"^ on the 
surface of the particle is independent of the charge [14,15]. This is a valid assump- 
tion since, when the charge is zero (lEP), there is a large amount of Ag+ (and I") 
ions on the surface {0 = 0.5). Therefore, the development of the net surface charge 
does not significantly alter the number or the surroundings of Ag+ ions on the 
surface. 

For an oxide in which the PDIs are the protons, a relationship similar to (7.26) 

may be written: 

Vi,=^PZC-pH) . (7.27) 

r 

Should we assume that the activity of charged surface sites remain^ constant when 
the pH of the solution changes (during the charging process)? Does the potential 
V^fsi, as defined above, effectively represent the surface potential [10,13,16]. 
From equations (7.1), (7.2), (7.4) and (7.21), we may write 

, ui K7' , IMOHJI 

* = — - P”) ^ ^ -jMoT 



R7' , [MO^] .,8., 

[MOH^ ^ ^ 

Here ipo - t/;n is a function of the ratio of the amounts of charged surface sites and 
becomes smaller as [MO l/[MOH2^1 becomes closer to 1. If ApK is high, the 
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number of charged groups is small near the PZC [equation (7.20)]. When a net 
charge is acquired, the terms [MOH J] or [MO"] change with respect to each other, 
and the reaction of the surface to changes in pH no longer follows a Nernst-type 
relationship. However, if ApK is small, tho number of charged groups is high at the 
PZC. The relative variation in [MOH + ] and [MO"] is small during the development 
of the charge, and the surface does exhibit ‘Nernstian’ behavior [ 14, 15, 17]. Although 
Nernst’s law does not rigorously apply to oxide surfaces, it is a good approximation 
when the difference between the pK values of surface equilibiia is small. 

7.2,2 DIFFUSE PART OF THE DOUBLE LAYER 

The electrical charge of the particle surface creates, in its immediate surroundings 
in the electrolyte, an electrical perturbation attracting ions of opposite charge and 
repelling'ions of identical charge. Counterions are subjected to the surface potential 
as well as to thermal agitation. They are distributed in a diffuse layer whose charge 
(jj compensates for the surface charge cto. It is possible lo determine the charge aj 
and to determine its distribution near the surface. 

The net charge of the diffuse layer is 

' (7.29) 

.a 

where d is the thickness of the Stern layer and p, is the net chaige density at a point 
r in the solution. This charge is related to the potential at the same point through 
Poisson’s equation [I8]: 

V-'0, = -pje 

where £ is the dielectric permittivity of the medium. It is the product of the relative 
permittivity of. water (the dielectric constant), £waier~?S-^> permittivity of 

vacuum, £0 = 8-854 X 10"*^C^J"* m"'. Hence, £,vaier ^0 = 6.954 x 10~‘°C^J Sn . 

For the sake of simplicity, the surface is often assumed to be planar, and we can 
write 

d^'i/'r/clr^ = -pje (7.30) 

For a symmetrical, electrolyte U : z] of concentration C, the charge density p^ is 
expressed using equation (7,3); 

= Ez,/-XV = 'z7'(C+ - c;] = zFClexp(-z/Xr//^7') - exp{zFipjRT)\ 

= 2zFC sinh{—zFiJJr/RT) (7-30 

(The chaige density is the number of particles per unit volume, in moles per m^.) 
Hence, the Poisson-Boltzmann equation 

d'^tpJdC = [Izec^/e] sinh(-zc.i/'rA7') 



(7.32) 
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with the following boundary conditions: '0 = 0j when r — r/, the thickness of the 
Stern layer, and 0 = 0 (d0/dr = 0) when r — > oo (the surface is isolated). 
Therefore, the charge of the diffuse layer [equation (7.29)] is r 

rd 

ffd = £ (tl . (7.33) 

J CO • 

Multiplying both sides of equation (7.32) by 2d0/dr gives 
2(d0/dr)(d^0r/<J/'^) = {4zFC/c) s\nh{zFipr/RT)\dip/dr] 
which, after integration, gives 

(d0/dr)^ = (4C/^7 /e) cosh (^70r/^^ ) + constant 
Because of boundary conditions, constant = 4CRT/e, and hence 
(d0/dr)^ = {4CRT/e)[cosh{zFiJr/RT) - 1] 
which can be rewritten as 

(d0/dr)^ = {2CRT/6)[txp{zFijjr/2RT) - &xp{~zFipj2RT)]^ 
and hence 

idip/dr) = ±{SCRT/£)'^^ sinh {zF^iJlRT) (7.34) 

A negative sign is chosen since the absolute value of (d0/dr) always decreases 
when -ip is positive, and vice versa. The absolute value of 0 always decreases as the 
distance from the surface increases. If (7.34) is introduced into (7.33), we obtain 

au = -(8eC/?r)'''^sinh(zfi/»j/2/?r) (7.35) 

which is Grahame’s relation. In water at 25 °C, the charge of the diffuse layer is (for 
a symmetrical electrolyte [z : z] of concentration C) 

cTj = -0. 1 173\/Csinh (19.48r0d) (7.36) 

with cTj in Cm'^, C in mol 1” ‘ and 0j in volts. Equation (7.36) shows that a variation 
in electrolyte concentration creates a variation in aj and/or in 0j. In order to 
calculate the size of the diffuse layer, i.e. the zone affected by electrical perturba- 
tions, we must know the dependence of 0 with the distance r. A second integration 
of the Poisson-Boltzmann equation (7.32) gives [18,19] 



2RT 1 + 7 exp[-K(r- ^)] 

e 1 - 7 exp(-K(r - d)] 



{131) 



with 



&xp{zF-lp^i/2RT) - 1 
exp(2F0d/2/^7) + 1 
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and = [F'^SlCiz] ^{2F^l /eRTy^^ , where / is the ionic strength, 

/ = {\ /2)Tiz]c-. The 10^ factor is due to the conversion from mol m“^ to moll“*. 

For weak potentials, the electrical energy is small compared with thermal energy, 
therefore, zFtp^/lRT < 1 or 20d<5OmV, and zxp{zF\pQ/2RT)^ \^{zF'4)q/2RT). 
Equations (7.36) and (7.37) can now be written, respectively, as 

aj = -£K0d (7.38) 

‘tp, = 0j exp[-/i(r - d)] (7.39) 

The most important parameter in equations {131) to (7.39) is k, which has^ the 
dimension of the reciprocal of length. In water at 25 °C, k = 0.329\/7 A“^ 
Distance is the ‘Debye-Hiickel length’ and represents the ‘thickness’ of the 
diffuse layer. This happens to be a misnomer because, over distance the potential 
decreases only by 0j/exp(l) = 0j/2.7, but, in the weak potential approximation, 
the diffuse layer [equation (7.38)] can be treated as a parallel-plate capacitor 
Cj = 6K with plates separated by distance , The variation in the potential in the 
solution, as a function of the distance from the surface, depends on the concentra- 
tion and the charge of the ions present in the electrolyte (Figure 7.6). 

The main observations’ from Figure 7.6 are: 

• The size of the electrically affected zone is of the same order of magnitude of the 

size of the colloidal particles: = 30 A fora [1 : 1] electrolyte of concentration 

C = 10-^moir^ 

• The thickness of this zone is very sensitive to the concentration and the charge of 
ions in the electrolyte, i.e. very sensitive to the ionic strength. As these increase, 
the diffuse layer is compressed (k“^ is small). 



r 


1 
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Figure 7.6 Variation in the potential in the diffuse layer, as a function of distance, 
calculated from the OHP (weak potential approximation). Influence of (a) electrolyte 
concentration (1 : 1) and (b) charges of ions in the electrolyte {z : ^). Marker • indicates the 
distance Data from [18] 






240 



Metal Oxide Chemistry and Synthesis 

• The response of the double layer to a change in ionic strength is a change in the 
charge and/or the potential [equation (7.36) or (7.38)]. ; 

These observations will be particularly useful when we discuss interactions between 
colloidal particles. 

7.2.3 INTERFACIAL CAPACITANCE 

The potential tpo on the surface of an oxide is an unknown and non-ineasurable 
quantity since there is no reversible electrode capable of measuring it. In addition, 
there is no simple analytical relationship between the charge and the surface 
potential. These two quantities may, however, be linked if the interface is assumed 
to be a capacitor of capacitance K = ao/'ipo [20]. In principle, the double-layer 
capacitance is a measure of the shielding effect of the surface charge by the 
countercharge; the better the shielding, the higher is ao for a given potential 
From a practical standpoint, the differential capacitance is considered, C = d<Jo/ 
dipQ, It represents the slope of the curves ao = f('0o) ov ao = f(pH) for a given ionic 
strength [14,17]. This value is accessible experimentally from measurements of the 
change in surface charge as a function of pH [21]. It is assumed that the surface 
potential obeys Nernst’s law. Both capacitances are related by the expression 
C = -f ipo{6K/(\'ipQ) [20] and they are equal for weak surface potentials. 

If the Stern layer is distinguished from the diffuse layer in the interfacial zone, 
the surface potential may be written as 

■00 = (i/A) - -00) 0d 



^ _ IpO - '0d f f 

O'o CTQ \ — \ CTQ / 

If there is no specific adsorption, ao 

f 00 - '0j \ f Q 

(To V <^o / 



-a<j, and hence 



kC K, 



The latter expression represents two capacitors in series. Here, and K^i are the 
integral capacitances of the Stern layer and of the diffuse layer respectively. A 
similar expression is true for the differential capacitances; 

i = l + ± (7.41) 

C C. Cj 

The magnitude of is typically around I F m“^, and may be obtained from the 
total capacitance C (obtained experimentally) and from the capacitance of the diffuse 
layer, Q [obtained with equations (7.38) and (7.35)] [21,22]. Assuming 

that e' is the permittivity of the Stern layer of thickness d, then Cs = e'/d. It was 
shown [22] that, for high ionic strengths (e.g. I molT*), Cs is almost independent 
of the surface charge or electrolyte concentration. The variation in Cs for low ionic 
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strengths should, in principle, account for some specific effects such as the penetra- 
tion of counterions in the Stern layer, or a change in the orientation of water mole- 
cules in the solvent layer adjacent to the surface. However, the capacitance of the 
diffuse layer is very sensitive to electrolyte concentration [/^ is proportional to \/ 7 , 
equation (7.37)]. Therefore, any factor increasing the ion concentration in the 
diffuse layer (potential aad/or high ionic strength) also increases its capacitance. 
The l/Cci term becomes small because the system behaves as if the capacitance 
were constant and equal to the capacitance of the internal layer. 

If specific adsorption occurs, the adsorbed ions are assumed to be located on an 
average plane b within the Stern layer. This plane is called the inner Helmholtz 
plane (IHP) (see Section 7.3.2). The adsorbed ions develop a charge at and are 
subjected to a potential The surface potential may therefore be written as 



•00 = (-00 - 0b) + (0b - 0d) + 0d 
Dividing by ao gives 

00 00 - 0b , /’0b - 0d\ /-O'd 



/0b - 0d\ 


f— ) + l 


/ 0d A 


f— j 


\ -^cJ ) 


\ (^0 y 




V cro y 



(7.42) 



(7.43) 



_L + _L('z£4 

Cl C2 V ^0 



1 f-?cl 
C(i V ao 



(7.44) 



where C( is the total capacitance of three capacitors in series, Ci and C 2 being the 
capacitance of the zones between the surface and the b plane (IHP), and between 
the b plane and the OHP, zones with permittivities £i and £2 respectively; Q is the 
capacitance of the diffuse layer. 

Taking R ^ (-cTb/ao) and using ao cr\^ -\- aii = 0, we get: 

In the absence of specific adsorption, = 0, and — uj = ao, and hence 



111 



Cl Ci 



-which are the results of equation (7.4). 



7.3 MODELS OF THE OXIDE-SOLUTION INTERFACE 



In order to explain the experimental data, i.e. obtain an accurate description of the 
change in surface charge as a function of the acidity of the medium (ao = f(pH) 
curves), many models have been developed [23,24]. All of them describe the surface 
reactions using mass-action laws and matter balances, with the surface potential 
being linked to the surface charge using an electrostatic model. The models differ in 
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Figure 7.7 Two-layer model and ihe variation in the potential through the interface 

where they place species in the interfacial zone, as well as in the equations used to 
link potential and surface charge. A description of the most frequently used models 
follows. 

7.3.1 BASIC MODEL (TWO-LAYER) 

In the most simple approach, we assume that the surface charge that developed as a 
result of acid-base reactions is compensated for by anions or cations from the 
electrolyte, which constitute the diffuse layer. The Stern layer is considered empty 
of any ion and is characterized by a differential capacitance Q (Figure 7.7) [24,25], 
Equations (7.23) and (7.36) express the relationship between charge and potential; 

((H'1//^'^)exp(-FV^o//?T) - (7f V[H+l) exp(F7/^o/7^r) ^3^ 

^ 'l + (IH' I/TO^) txp{-FiPo/RT)-\- {K-/[n+\) &xp{F^o/R^) 

(7d = -O-1173v/Csinh(19.5'0ci) 

These two equations involve four interfacial variables (ao, (Zd. V^o. '0d)> fwo variables 
characterizing the medium (pH and electrolyte concentration C) and quantities 
specific to the surface (acidity constants TT*' and K~ and the total group density N^). 

The quantities accessible to the experiment are the surface charge ao as a 
function of pH, the potential of the diffuse layer assimilated to the electrokinetic 
potential and the total density of reactive sites A/s* ^he equilibrium constants K 
and K~ are determined graphically or numerically (see Section 7.3.2.) from the pH, 
Go and A/s for various electrolyte concentrations and types. The MUSIC model (see 
Section 7.1.1) allows simplification in the calculation of the intrinsic constants K 

and K~. 

The equations of the system are: 

• The equation of state of the surface [equation (7.23)]. 

• The expression for the charge of the diffuse layer [equation (7.36)]. 

• The electroneutrality of the system: ao + (Zd = 0. 

. The capacitance Cs = ao/(^o - V^d); Cs is obtained graphically or fitted and is of 
the order of 0.2-2 F m''^. 
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This system of equations is resolved graphically and allows the calculation of the 
(Zo = f(pH) curves. A semiquantitative agreement with experimental data accounts 
for the position of the PZC of the oxide [25]. However, it is not possible properly to 
fit the curves (Zq = f(pH) and Q = f(pH) with the same set of parameters. Generally 
speaking, the calculated surface charges (Zq are much smaller than those measured 
via titration. This would suggest that the surface charge is partially compensated for 
by a charge located inside the Stern layer which contributes to a decrease in the 
electrokinetic potential. 

7.3.2 SITE COMPLEXATION MODEL (TRIPLE-LAYER) 

The concept used in this model is the idea that the surface charge, which is due to 
adsorption/desorption of protons, is partially shielded from the solution by the 
presence of counterions in the Stern layer [26,27]. This is confirmed experimentally 
(see Section 6.3.3). These ions are supposed to form ‘complexes’ with the surface 
groups. These complexes can be treated as ion pairs, but no specific bond type is 
defined in the model. This is why these ions are said to be specifically adsorbed, 
only to indicate that they can penetrate the Stern layer, whether the interactions are 
specific or not. 

Specifically adsorbed ions are difficult to locate. They are supposed to be on an 
average plane b within the Stern layer, and hence the need for the introduction of a 
third layer. This plane is called the inner Helmholtz plane (IHP) and carries a 
charge (Figure 7.8), where adsorbed ions are subjected to a potential The b 
plane is separated from the surface by a distance of the order of the ionic radii of the 
adsorbed ions [26]. 



ao cTb' 




(a) (b) 



Figure 7.8 Oxide-solution interface with (a) the position of charged species on ideal 
planes and (b) the decrease in the potential staiting from the surface. Reproduced by 
permission of Academic Press from [26] 
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The model considers lluu the surface charge is acquired owing to adsorption/ 
desorj5tion of protons: 



-moh+h: 



-MOH 4=»-M0'+H,' 






[-MOH] 



z\p{-FiJjo/!^T) (7.2) 



but also by complexalion equilibria of cations or anions. 



-MO -I- C,' -MO C 



-MOH 2'" + A7 



-MOH^ 



which may be combined with the former to give 

-MOH + C: -MO^C+ + H + 

^ l-MO--C ^_H^ exp[-/-'-(0n - A)/RT) 

^ [-MOHKC^l 

-MOH2' A <=> -MOH -h A( + H,' 



-MOH](A ][H 
[-MOH^'A-j 



cxp(-A(V^o - ■<pb)/RT) 



Equilibria (7.46) and (7.47) account for the fact that complexation is related to 
acid-base reactions, and that it is involved in the meehanism of charge generation, 
with proton adsorption/desorption equilibria. The charge cto, obtained by proton 
titration, represents the number of protons released or consumed in all reactions 
within the Stern layer, and not only the protons involved in the formation of the 
MO~ and MOHj' species. Hence, all ions participating in the creation of charges ao 
and (7h are called potential-determining ions (PDIs), although this name is very 
often reserved for H"^ and HO“. 

Cliarge ao can be written as 

= (/r//t)([-MOH + | -h l-MOH + A-J - 1-MO-l - [-MQ-C + l) (7.48) 
and the charge ‘shielded’ by the complexation, <7^ is 



a„ = (/-7/')(hMOC^ 



-MOH^'A"]) 



The remainder of the charge is compensated for by that of the diffu.se layer: 

aj = -(F//\)([-M0H7 - [-MO-]) (' 

whicli !Tiay also be calculated fiom equation (7.35). 

Eleclroneutralily imposes 



(Jo ^c] — 



(7.51) 
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The total density, of charged sites, which includes all possible forms of these groups, 
expressed in units of charge density, is 

= [F/A)N, 

= (FM)([-M[0H2) + [-MOH + A“] + [-MO“] + [-MO“C ' !) (7.52) 

The potentials -00 ^nd (-00 — V’b) ^fe related to the surface charge through the 
interfacial capacitance [equation (7.44)]. 

The 1 1 -equation system (in the case of a single electrolyte) is solved numerically 
[26,23,17] to fit experimental curves ao = f(pH) and 0 = f(pH) from experimental 
data on pH, electrolyte concentration, total density of surface sites, total area A and 
temperature. The other necessary parameters are the differential capacitances, 
which are considered to be constant in the various zones of the interface, and the 
equilibria constants (7.4), (7.5), (7.46) and (7.47). The capacitance C2 is considered 
equal to 0.2 Fm7^ and the adjustable parameter is Ci. The equilibria constants are 
determined graphically or numerically (see below) from the experimentally obtained 
and ao = f(pH) curves obtained for several electrolyte concentrations. 

The fit of experimental curves cjo = f(pH) for non-porous ciystalline oxides 
(Ti02, AI2O3, Si02) is quite good. 

For example, in Ti02 (Figure 7.9), the ApK between the acidity constants is 6.4 
and that of the complexation constants of the electrolyte is 2.6. C\ calculated by the 
model ranges from 1 to 1.4 Fm“^, depending on the nature of the oxide and that of 
the ions adsorbed. These values are in agreement with experimental data obtained 



4^d(mV) 



0 

-40 

-80 

pH 

Figure 7.9 Surface charge and diffuse layer potential for Ti02 as a funclioii-oLpH and for 
several electrolyte concentrations. The continuous lines are derived from the model. 
Reproduced by permission of Academic Press from [26J 
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from Ihe ctq = f(pH) curves [21] and allow an estimation of the average distance of 
approach of adsorbed ions near the surface sites; 1-1.5 A. 

The main difficulty in the implementation of this model is the large number of 
variables involved, particularly in the calculation of the equilibrium constants of 
surface ionization. 

(i) The graphical optimization method is based on the calculation of intrinsic 
adsorption 'constants’. They depend on the surface charge and hence on the pH, and 
they are calculated by extrapolation at pH = P^C and zero electrolyte concentration. 
The intrinsic constants , (2a 3ud (2c tire obtained from (7.5), (7.46), {lAl) as 



K' = 
K~ = 
Qc = 
Qa = 



= exp{FiJo/RT) 



(-MOH + 1 

(-M011H+] ^0 fri n ? T \ 

L_^ = K»exp(F*/Rr) 

|-MO-c*)|Hn ^ _ <K)/Rr| 



(-MOH][C ^1 
-MOH)[A-][H+] 
[-MOH+A^l 



= Kf, exp[T(t/.>o - 



(7.53) 

(7.54) 

(7.55) 

(7.56) 



From (7.45), we can write 

= K\exp[{FN^a,^^^jRTC^){(jQlN^)\ 
exp[(AA'^cr,„.,^//?rC,)(o'o/At5)] 

Qa = Ka exp[(AAtsa-,nax/i^7'Ci)(cro/A'i)l 

Qc = Kccxp\{FN^ f^riinx //?rC,)(cro//Vs)l 

These last four equations show the explicit dependence of the affinity ratios and 
Q on the surface charge. 

logA:^ is plotted as a function of pH, i.e. as a function of the ratio = a 

and for several electrolyte concentrations c according to log/f^ = f(a + ^/c). A 
double extrapolation at a = 0 (PZC) and c = 0 allows the calculation of the 
equilibrium constant and the total capacitance C[ (Figure 7.10). 

For the complexation constants, the variation in log Q with (a ± logc) is doubly 
extrapolated at a = 0 and c = 1. The choice of electrolyte concentration function, 
either ^/c or logc, is purely arbitrary and made for technical convenience. 

The data available for the calculation of are <jq and A/s- In order to calculate 
these values, we must assume that for pH ^ .PZC, [MOHj ] ^rid [MOH^^ ] are 
negligible compared with [MO^] and [MO“C“’'] (the reverse is true for pH ^ PZC). 
This imposes a very high ApK = pK — pK“*' (ApK > 4, see Section 7.1.3) in 
order for the approximation to be valid over the entire pH range. Unfortunately, this 
hypothesis cannot be verified internally because the method always gives a high 
value of ApK 117], In addition, these extrapolations are sometimes not at all linear 
(Figure 7.11) and may result in several sets of parameters. 
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Figure 7.10 (a) Variation in the surface charge of TIOq anatase with NaCl concentration 

and (b) determination via double extrapolation of the affinity ratio pK“. Extrapolations are 
the dashed lines and filled markers. Reproduced by permission of Academic Press from [28] 




Figure 7.11 Calculation of affinity ratios pK (a) and pQ^; (b) by the double extrapolation 
method for SiOQ-NaCl. Reproduced by permission of Elsevier Science Ltd from [29] 



(ii) The numerical optimization method has the advantage of not requiring any 
hypothesis. It consists in minimizing the difference 

P(ae,p - (Jz^\zf Kn - m - 1)]'/^ 

where n is the number of experimental data points and m is the number of 
parameters to.be calculated (/^^, K ^ and Cj) using standard procedures 

[17,23]. The method gives a good fit of the cro = f(pH) and C = f(pH) curves, but, 
here again, more than one set of parameters is obtained. Some initial values must be 
introduced in the calculation. The method can accommodate small or large values 
of ApK [17]. 
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In fact, conridence in the results can only be ensured if additional information 
can confirm the order of magnitude of ApK* Such information may be obtained 
from experimental measurement of the differential capacitances C* = — dap/dpH = 
(dao/dVA,)( -ciV^/dpH) near the PZC [14,17]. Equation (7.28) 






^ RT 

pH) - 



In 



[iVtOH2"l 

[iVtoT 



may be rewritten as 



CTo 



13RTC, 

R 



(PZC - pH) - 



RTCy 



[MOHJI 

[MO"] 



For small ApK, near the PZC, the term In ([MOH^“]/[MO-]) is negligible and 
C[ = 23RTCJF. For large values of ApK, [MO']>[MOHj] for a pH slightly 
larger than the PZC, and therefore 

. 2.3R'rQ dln[MO-) 

~ F dpH 



High values of C' suggest small values of ApK, i.e. a Nernstian behavior of the 
surface. 

Figure 7.12 illustrates these considerations. It shows the components of the surface 
charge as determined by application of the triple-layer model on a real system for 




Figure 7.12 TiOj-lO"' moll"' KNO 3 system. Constituents of the charge, calculated with 
Ihe triple-layer model, with constants obtained by (a) graphic extrapolation (ApK = 6.4, 
pK+ = 2.6, pK" = 9, pKc = 7.1, pKa = 4.6) and (b) numerical optimization (ApK = 1.5, 
pK' = 5 . 1 ' pK' = 6.6, pKc; = 5.1, pKa = 6.6). Reproduced by permission of Academic 
Press from f 17] 
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both small and large ApK. Changes in the quantities of various surface sites show 
that a large ApK satisfies the conditions required for the graphical extrapolation 
method ([MOHj] and [MOH jA-]< [MO“] and [MQ-C^] at pH > PZC), where- 
as a small ApK corresponds to a pseudo-Nernstian behavior of the surface, requiring 
a large number of charged sites near the PZC. 

The advantage of this method is that it takes into account the influence of the ionic 
strength on the charge of the particles. The model also simultaneously accounts for 
the variations in charge and electrokinetic potential with pH, for reasonable values 
of system parameters. Nevertheless, the position of the ions through the interface 
must be considered carefully. 



7.3.3 APPLICATIONS OF THE MUSIC MODEL 

In the previous models, the surface acidity constants are obtained by fits of experi- 
mental data. Let us look at what happens when the intrinsic acidity; constants are 
obtained using the MUSIC model (see Section 7.1.1). 

Surface acidity constants K\ are obtained by incorporating the Boltzmann 
accumulation factor exp(-F'0o/f^n into the calculated intrinsic constant. The charge 
and surface potential are related using a classical two-layer model [cro = C('0o — V^d)L 
with the charge of the diffuse layer given by equation (7.35) [30]. Specific 
adsorption of the electrolyte is taken into account by the formation constants of ion 
pairs [2,30]. 

The charge on each type of face of gibbsite Al(OH )3 particles (see Section 7.1.1) 
is calculated as a function of pH [2] (Figure 7.13a). The large faces containing 



ao (Cm"2) 

ao(Cm’2) 

0.20 
0 

- 0.20 

4 6 8 10p^12 4 6 8 10 pHl2 

, (a) (b) 




Figure 7.13 (a) ao = f(pH) curves calculated for the large faces and the edges of gibbsite 

particles, for an NaCl concentration of 0.5 moll"’ and a Stem layer capacitance fixed at 
1.4 Fm“^. The adsorption constants of electrolyte ions are pKA = pKc = 0.1. (b) Overall 
cTo = f(pH) curves calculated for gibbsite. The specific surfaces of the. edges and die large 
faces are 3.4 and 16.4 m^/g. The parameters used for the calculation are the same as in (a). 
Tlie markers show experimental data. Reproduced by permission of Academic Press from [2] 
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doubly coordinated groups are not charged except for high pH, in agreement with 
the predictions of the calculations of intrinsic constants. However, the edges of the 
particles are reactive over the entire pH range owing to the presence of singly and 
doubly coordinated groups. The global charge of the particle (Figure 7.13b) is in 
good agreement with potentiornetric measurements [2,30]. 

The same analysis has been made for goethite FeOOH. We have seen (see 
Section 7.1.1) that the charge on the 010 and 001 faces is due to the mono- 
coordinated groups Fe,-OH. The charge on the 100 face is due to singly and triply 
coordinated groups. Doubly coordinated groups can be considered chemically inert 
in the range pH 3-11. 

The variation in the charge of different faces, calculated as a function of pH, is 
shown in Figure 7.14. The charge of the 100 faces is zero over a wide pH range. 
This is not due to an absence of charged species but to the exact compensation for 
the charge of different sites (Figure 7.14b). This is a clear illustration of the 




Figure 7,14 (a) = f(pH) curve.s calculated for the 001, 010 and 100 faces of goethite 

(NaN 03 0. 1 mol 1” Stem layer capacitance 1.54 F rn“^, pKc = pK^ = 0.75, specific surface 
area of the three types of face 5, 45 and 50 m^/g respectively), (b) Calculated contributions of 
several types of site to the charge of 100 faces with the same parameters as for (a), (c) Global 
= f(pH) curve for various NaN 03 concentrations. The calculated curves are shown in solid 
lines, experimental data points are shown using markers. Reproduced by permission of 
Academic Press from [2] 
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concepts of lEP and PZC. The overall behavior of goethite particles can eventually 
be caleulated using an averaged sum of the charge on the different faces. The fit of 
the experimental data is excellent (Figure 7.14c). 

The use of this model requires precise Knowledge of some structural information 
of the system studied. The system must include particles of well-defined shape, size 
and structure. The ‘sensitive’ parameters are the total density of active surface 
groups A^s and their mode of coordination. 

The results given by all these models are strongly dependent on many physico- 
chemical characteristics (preparation techniques, impurities, particle size distribu- 
tion, crystal structure of the surface, preferential growth of some faces, etc.). These 
parameters have an influence on the PZC and on the values of the ionization 
equilibrium constants. They must be carefully determined for each type of particle. 
Because of the large number of particles involved, and because of approximations 
in the models and in the experimental measurements, the results do not always 
lead to singular solution. Although site complexation models remain one of the 
best descriptions of the oxide-solution interface, it is not possible to identify 
the exact nature of the complexes involved. The reactions are selected to fit the 
experimental data with a given model, and the model controls the values of the 
parameters. This is why surface complexation models should be treated as fitting 
models rather than models able to describe chemical processes at the interface. 

Furthermore, these models are usually applicable only to ‘model’ systems: non- 
porous crystallized materials such as Si02 quartz, Ti02, rutile, FeOOH rutile, 
aluminum oxides or hydroxides [AI2O3, Al(OH)3], etc. In all these cases, the 
interface is assumed to be completely polarizable, i.e. mass transfer takes place 
between the surface (planar and ideal) of the particles and the solution only. Recent 
work [31-33] takes into account some heterogeneities on the surface such as sites 
of various energies uniformly distributed or grouped in zones. 



7.3,4 OTHER MODELS OF THE OXIDE-SOLUTION INTERFACE 
(a) Gel Models 

In gel models (or porous layer models), one fraction of the surface charge is assumed 
to diffuse inside the solid, in a highly hydrated zone of a structure comparable to 
that of a gel [34-37]. Therefore, it is assumed that acid -base reactions causing the 
charges take place within a volume of the solid of finite thickness also permeable to 
counterions. With the gel model, it is possible to explain the kinetic character of 
PDI adsorption. During the addition of an acid or a base during proton titration, the 
pH of the suspension changes rapidly but^ slowly recovers its initial value. The 
process can take weeks or months. This phenomenon has been studied extensively 
in Fe203 [38], Ti02 [71] and ZnO [39]. It has been linked to the formation of a layer 
of d-FeOOH goethite on the surface of Fe203 or to a ligand exchange reaction 
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between surface H0“ and anions from the electrolyte [21,39]. The mathematical 
treatment of this type of model is particularly complex [36,37]. 



(b) Model with Variable PZC 



Owing to the small solubility of oxides, there are too few metal ions in solution for 
their transfer to affect the surface charge. However, the reaction 

does assume reversible transfer of between the solid and the solution [40]. This 
is, in addition to acid-base reactions on the surface, a second mechanism of charge 
generation, because of the non-stoichiometry of the transfer of ions from the solid 
(an excess or deficit of ions with respect to metal ions). This O transfer 
affects the pH of the solution and titration curves and has the same effect as the 
adsorption or desorption of two H'*', depending on whether is lost or gained by 
the lattice. Since ions from the lattice are located below the surface, they are involved 
in much slower reactions than surface acid-base reactions, which means that they 
can play a role in the kinetic effect observed during potentiometric titrations. 

The partial reversibility of the oxide-solution interface (the way it is used for 
Agl, i.e. transfer of ions from the network through the interfaee), means that a 
composite system must be considered, in which two mechanisms create the charges 
fjH and ctq located on different planes H (the surface plane) and O below the surface 
(Figure 7. 15). 

The net charge density cr,i resulting from ionization of surface sites is given by 
equations (7.23) and (7.28) (neglecting specific adsorption) and can be written as 



5sinh((-F'0ii//?r) + 2. 3(pHi<^ - pH)] 

1 -h 5cosh((-FV4i//^'0 + 2.3 (pHk - pH)} 




Figure 7.15 Charge distribution on ideal planes and decrease in the potential from the O 
plane. Reproduced by permission of John Wiley & Sons from [25] 
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where aj is the density of surface sites, 5 = 2{K~ pH^^ = (1/2) (pK~^T 
pK”). Here, pH^ is the pH value for which cth = 0 and represents the PZC of the 
completely hydrated (hydroxylated) oxide. 

Reversible transfer of ions consumes (or releases) protons in solution and 
creates the charge ao- The corresponding potential ipo is linked to the pH of the 
solution in the Nernst equation: 

2 3RT 

^(pHo-pH) (7.27) 

r 



where pHo is the pH for which ao = 0; pHg represents the PZC of the anhydrous 
oxide. 

The charge ctj of the diffuse layer is given by (7.35) and the potential is exerted 
on the outer plane (OHP) (Figure 7.15). The capacitance of the various zones are 




Ch 



O'o + CTh 
- % 



(7.58) 



System electroneutrality imposes ao + an + fJd = 0, 

Because of the existence of two types of surface charge, the surface must be 
characterized by an lEP. At the electrokinetic isoelectric point, pH = lEP, and 
fJd = 0. Therefore, ao = —(Jh and Vrfi = 0- 

The eharge an can be expressed, using (7.58), (7.27), (7.57), by the two 
independent equations 



an = (2.3/?77F)Co(pH-pHo) 
(5sinh[2.3(pHK - pH)] 

1 E 5cosh[2.3(pHj^ - pH)] 



(7.59) 

(7.60) 



Equation (7.59) is a straight line passing through pHo at (Th = 0 (positive slope) 
(Figure 7.16). Equation (7.60) is a curve passing through pHk at cth = 0 (negative 
slope). 

The lEP is the intersection point of the curves .'of Figure 7.16. It is always found 
between the limit values pHo and pHk- It is a function of aj and is given by 

Co_ 5sinh[2.3(pHK-PIE)] |" I 

^ “ 1 E (5cosh[2.3(pHK - PIE)] [(2.3/?r/E)(PIE - pHo)_ 

This relationship shows that, when ctt is large, lEP— > pHk- If aj is small, then 
lEP— >pHo (Figure 7.17). Since aj is related to the hydroxylation of the surface, 
any change in hydration of the oxide creates a change in the lER 

Therefore, during hydration of an oxide in aqueous medium, the slow evolution 
of the PZC can be ascribed to the contribution of ions (and/or metal ions) from 
the network. The transfer of must probably occur if the surface charge is the 
result of adsorption/desorption equilibria of hydroxylated complexes-[4.1]. It is also 
involved in the behavior of colloidal magnetite Fe 304 in a weakly acidic medium 
which gives rise to the desorption of Fe^'^ from the lattice [42] (see Section 9.1.3). 
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Figure 7.16 Graphic determination of the lEP using the intersection of (7.59) (a) and 
(7.60) (b). System parameters: /<:+ = 10^ = pHq = 7, pHo = 7, pHk = 9, 

Co ^ Cm = I Frn“^, aj ^ 2C m'^. Reproduced by permission of Academic Press from [40] 
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Figure 7.17 Relationship between the lEP and the hydration of an oxide surface. The 
system constants are those listed in Figure 7.16 using values of 0, O.I and 0.2 Cm for (Tt- 
The ionic strength is indicated on the figure. Reproduced by permission of JoUn Wiley & 
Sons from [25] 
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Stability of Colloidal Dispersions 



The slabiiity of colloids in vvaler has several as pec Is, depending on whether one 
considers the permanence of the dispersion of the particles or the division of the 
solid. 

If the particles are small enough in mass and size, they are subjected to Brownian 
motion and can form a stable, homogeneous suspension. In this sol, the particles 
repel each other and disperse spontaneously in the liquid. If, however, they attract 
each other and aggregate, they separate from the liquid and flocculate. The stability 
of a sol imposes repulsion forces so that a kinetic energy barrier prevents them from 
getting loo close to eacli other. These forces may be caused by electrostatic forces 
on the surface. In this case, the pH of the solution and the nature and concentration 
of the electrolytes must be considered. The stability of the dispersion may also be 
due to adsorption of macro molecules, causing sleric effects on the surfaces. The 
strength of the surface- macromolecule interaction and the coverage of the particles 
influence the dispersion in an aqueous or non- aqueous medium. 

Another aspect is the stability of the size, structure and morphology of the 
particles, which is not always guaranteed. Oslwald ripening involves a series of 
transformations causing the initial particles to evolve into a more stable thermo- 
dynamic stale (Section 2.3.4). The driving force is the oxide-solution interfacial 
tension which allows, through a change in surface area of the system, a decrease in 
its free enthalpy. Stabilization of llie particles towards ageing requires control of the 
interfacial tension. This stabilization is directly linked to adsorption phenomena, 
which are themselves controlled by the pH and the ionic strength of the solution. 
This is called thennodynamic stabilization. 

These two aspects of stability involve very different forces controlled by the same 
parameters: pH and ionic strength. It is crucial to understand the influence of these 
parameters since even a small variation can cause drastic changes in the particles 
because of the large surface area involved. To reflect such properties, De Gennes 
used the term ‘maliere molle’ (‘soft matter’) to describe such systems [1]. 
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8.1 KINETIC STABILITY OF THE DISPERSIONS. CONTROL 
OF PARTICLE AGGREGATION 

The stability of dispersed particles towards aggregation and flocculation is described 
by the DLVO (Dejarguin, Landau, Verwey, Overbeek) theory. Taking into account 
all forces applied on the particles, the theory allows a calculation of the energy 
barrier to avoid permanent contact. This. is what is meant by ‘kinetic’ stability of the 
dispersions. The forces involved are of two kinds: 

• Repulsive forces caused by the interaction between electrical double layers and 
controlled by the physicochemical parameters of the system. In Section 6.2, we saw 
that the suiface charge and the size of the counterion diffuse layer are linked to the' 
pH and to the ionic strength of the solution. 

• Attractives forces, which are always present (London-Van der Waals forces) and 
are a sole function of the materials involved. 

How are such forces involved as the particles come together during Brownian 
collisions? This is indeed a complex problem because the interaction energies 
depend on the transient behavior of the double layers during the collisions. A 
quantitative treatment of this problem is beyond the Scope of this book. However, it 
is probably useful to give a qualitative description of the phenomena involved. 

8.1.1 ELECTROSTATIC FORCES 

When two charged particles come together, the interpenetration of the diffuse parts 
of the double layers causes a local increase in ionic strength, /, in the zone between 
the particles. The diffuse layers are made of identical counterions and repel each 
other, but their repulsion domain decreases because k is proportional to \/7 (see 
Section 7.2.2). Therefore, the Stern layers interact with each other. 

(a) Static Aspect of the Interactions 

Let us assume that oxide particles are dispersed in a solution of given pH containing 
an electiolyte [1 .1] of concentration c. What happens when two particles, previously 
sufficiently distant not to affect each other, come closer to a separation distance D1 
This can be modeled using the variation in the charge and potential as a function of 
the distance between surfaces. This analysis is simplified assuming planar surfaces 
and the validity of Poisson’s equation for the entire space between particles. 

Since the particles are initially far from each other, the surface charge density o'q 
is linked to the surface potential tJjq for any pair of dissociation constants {K^ , K~) 
and for any pH: 

„ ([H+)/^+)exp(-FV;o//^D - (^-/lH+])exp(FT/^o//^r) 

° ' 1 + ([H’'l/A:+)exp(-Fi^’o//^7') + (A:-/(H+J) exp (F^o/-«0 



(7.23) 






Figure 8.1 Variation in the potential (solid line) between two charged surfaces, resulting 
from the overlap of the diffuse layers (dotted lines) 

The countercharge density at a given point between the surfaces is given by 
equation (7.3 1 ); 

Px = FCoc\exp{-iF-tj},/ RT) - zx\i{zFxp,/RT)\ ( 7 - 31 ) 

It is related to the potential ijj, at this point by the Poisson equation: 

d^i^/dr^ = -p,/e (7.30) 

for which the boundary conditions in tlie zone between surfaces are [d-^r/dr]^^,^ = 
— -c7o and [dV^r/dr]^=o /2 = 0 because of the symmetry of the system [2,3]. 

As the particles come closer together, the overlap of the diffuse layers causes an 
increase in the potential in the zone between the surfaces (Figure 8.1). To a first 
approximation, this potential at a given point is equal to the sum of the potentials 
caused by each surface. Therefore, within this zone of the solution, the counterion 
density increases as the particles come closer to each other. As a result, an osmotic 
pressure develops which tends to repel tiie particles [2-4]. 

If the approach is slow enough as to maintain equilibria between surfaces and 
solution, the increase in potential near the surface tends to force a decrease in PDl 
concentration [equation (7.4)]: 

(H,'l = [H+)exp(-FVV«n (7.4) 

The stability of the equilibria causes deprotonatioii (pH<PZC) or protonation 
(pH>PZC) of surface groups, which decreases the net charge and decreases the 
potential between surfaces. If the particles touch, their charges may, in theory, 
cancel each other. 

When oxide particles come together, the surface charge and potential change 
simulicmeously. The charge variation (or dissociation ratio of the surface groups) as 
a function of the distance between particles is calculated using equations (7.23) and 
(7.3 1) for given values of the pH, electrolyte concentration and boundary conditions. 
Tlie mathematical solution is complex [5-7]. The main results are shown in 
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Figure 8.2, for particles with surfaces characterized by various pairs of and K~ 
constants. Therefore, during the interaction between particles, changes in the 
surface potential are regulated by variation in the charge. 

The efficiency of the regulation depends on the ability of the surface to respond, 
through charge variation, to the pH variations near the surface (pHJ. This ability 
is itself proportional to the difference ApK = pK~ — pK'^ between the acidity 
constants of the surface sites (Figures 8.2 and 8.3), A small ApK increases the 




0 50 100 150 0 50 100 150 



separation distance (A) 

(a) (b) 

Figure 8.2 Variation in the potential ipQ (a) and in the charge cxq (b) as a function of 
the distance between two surfaces of PZC = 7 and ApK = 3 (solid lines) and 6 (dotted lines). 
Electrolyte concentration 10“^ mol I"* (k“‘ = 96 A). The potentials are given for an infinite 
separation distance. Reproduced from [5] by permission 
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Figure 8.3 Surface charge ctq as a function of surface pH [equation (7.23)] for various 
values of ApK. Reproduced from [5] by permission 







260 Metal Oxide Chemistry and Synthesis 





(a) • (b) 

Figure 8.4 Siirfncc polcnlial as a funclion of the separation distance in the case of an 
interaction (a) at constant potential and (b) at constant charge. One of the surfaces is 
displaced from A towards C. cq is indicated by the slope of the tangent at the origins of the 
potential variation with distance ((Jn = — £(d0/<J^*)r=ol- decrease in the slope 

indicates a gradual decrease in the surface charge 



ability of the surface to regulate the potential, i.e. to decrease the charge during the 
interaction (Figure 8.3). If ApK is small, the surface carries only few non-charged 
groups at any pH (see Section 7.1 .3). For example, for a positively charged surface, 
a decrease in the concentration of protons near the surface decreases the charge 
because of the decrca.se in the number of M-OHj groups and the increase in the 
number of M-0“ groups. If ApK is large, the charge decrease occurs only through 
a decrease in the number of groups. Therefore, ao is increasingly sensitive 

to pH variations as ApK becomes smaller (dcr/dpH increases) (Figure 8.3). 

When ApK increases, the pH range for which da/dpH is maximum moves away 
from the PZC, and controlling the potential becomes increasingly difficult because 
dfj/dpH is smaller (Figures 8.2 and 8.3). The limiting case is the ‘constant potential’ 
interaction (Figure 8.4). In fact, this is a case of perfect regulation taking place for 
reversible surfaces for which the surface charge is caused by preferential adsorption 
of ions from the network. Agl is a good example. For such surfaces, the amount of 
non-charged sites is zero and the surface follows Nernst’s equation for all conditions. 
Since the surface potential tJj[) ^ (Nernst potential) when D ^ Q [equation 
(7.27)], the interaction between surfaces carrying charged sites only takes place at 
constant potential [5J. The ApK = 0 case is not a case of perfect regulation since 
the fraction of zero-charge sites is not zero. 

If pHs^pK" or pHs^^CpK'*', the charge ag is maximum and becomes quasi- 
independent of the pH. The interaction takes place under ‘constant charge’ 
conditions (Figure 8.4) until very small separation distances, where the charge must 
cancel out abruptly by ad.sorption (or desorption) of protons, or by compensation 
and readsorption of counterions. At this point, there is no longer a relationship 
between the surface potential and the pH of the solution. 
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The calculation of electrostatic repulsion energy between surfaces for which 
charge relaxation is incomplete is not trivial [8]. In the limiting cases (constant 
charges and potentials) and for small surfaee potentials, approximate expressions 
for the interaction energies of spheres of radius a are, respectively [3,8,9]: 



= 27rea7j)l\n[[ Texp(-K.D)] 



= -I'Ksa'ipl ln[l ~ exp(-«:D)] 



(8.1) 

(8.2) 



In these expressions, the potential -0^ at the Stern layer is approximated by the 
electrokinetic potential 

For large distances (D^^:~’), both expressions give 
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: 27T£a0j exp (-K.D) 



(8.3) 



and if the weak potential approximation is not valid, equation (.8.3) becomes [9] 
327T£:G^^r^7^ 



Fp 



^2 ^2 



exp(-^,D) 



(8.4) 



where z is the eharge of the counterions and 



Qxp{ze'f^/2kT) ~ 1 

Qxp{zeij^/2kT) + I 



The repulsion energies Fr eorresponding to various types of interaction are clearly 
different for small distances only (Figure 8.5). The case of charge regulation (which 
depends on the value of ApK) is always found between the constant potential 
(perfect regulation) and constant charge (no regulation) limits. The two parameters 
that have the greatest influence on Fr are the surface potential (or -0^) and the 
concentration and nature of the electrolyte (c,z), which are reflected in n,. 



(b) Dynamic Aspect of the Interaction 

Studies of the stability of colloids usually assume that the double layers are 
permanently at equilibrium (constant charge) or, on the contrary, independent from 
the medium (constant charge). The constant potential environment concerns only 
systems with complete relaxation of the double layer, such as reversible colloids of 
the Agl type. When the superficial charge is the result of the near-complete ioniza- 
tion of surface sites of weak acid-base nature (clays, latex), there is no mechanism 
for a decrease in surface charge, aside from readsorption of counterions. The 
interaction takes place at constant charge and the double layers do not relax at all. 

Oxide colloids exhibit an intermediate behavior between both limiting cases 
because charge acquisition involves protonation or deprotonation equilibria. The 
dynamic nature of the chemical equilibria allows regulation of the interaction. In 
addition, aggregation and flocculation are obviously kinetic phenomena involving 
several processes, each taking place at its own rate. It is perhaps useful to consider 
their respective time-scales [8]. 
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Figure 8.5 Elecirostalic inieraclion energy Fr as a funclion of the separation distance for 
constant potential, constant charge interactions and under regulation conditions ApK = 6 
(dotted lines), ApK = 3 (solid lines). Ionic strength 10“^moll“'. The potentials shown on 
each curve are for an infinite separation distance. Reproduced from [5] by permission 



The duration of a Brownian collision, tb, may be estimated by considering the 
time required to cover a distance 2k~^ (interaction distance) for particles of diffusion 
coefficient Dp = kT jSrjna (p is the viscosity of the solvent, and a is the radius of a 
spherical particle): 

Tb = {2K~')^/2Dp = \2nr]alK^kT 

For particles of 500 A radius, in water at 25 °C and for a salt concentration of the 
order of 10“'- 10“^ mol 1“', k.“‘ ranges between 10 and 1000 A and ^ 10“^- 
10“^ s. The diffusion of particles is not completely free, however, since at short 
separation distances they are slowed by hydrodynamic interactions. This effect is 
difficult to quantify because the movement is not uniform. The probable duration of 
this interaction seems to be of the order of 10“"^ s [10]. 

Relaxation of the double layers involves two characteristic times, one related to 
the relaxation of the diffuse layer (rp), the other concerning the relaxation of the 
Stern layer (rs). 

The relaxation time of the diffuse layer represents the average displacement time 
of ions (of diffusion coefficient D\) over the distance rp = /D\ ^ 10“^ s. 

One may consider that the diffuse part of the double layer is always fully relaxed as 
particles come closer together. 

There are several mechanisms by which the ions can move within the Stern 
layer flO]: diffusion in solution, lateral diffusion in the Stern layer and surface 
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conductivity. To our knowledge, little information has been published on this topie 
[11,12], and none of it deals specifically with oxides. The speed of the process is 
controlled by the surface discharge current i. Considering a surface charge density 
cTo of about 0-1 Cm“^ and current densities of the order of 1-10“'^ A cm the 
relaxation time of the compact layer rs = gq/l ranges from 10“^ to 10^ s [8]. 

Relaxation measurements on Agl colloids destabilized by.coulostatic impulses 
(using Ag-AgI electrodes) have shown durations of the order of 1ms [10]. This 
would seem to indicate that relaxation in the Stern layer is slower than Brownian 
motion. The issue has not been resolved for oxides. One may expect shorter 
relaxation times because of the fast diffusion of the proton and the OH“ ion in the 
strongly structured suifaee hydration layer. 

Comparing the time-seales of the various processes involved does not allow a 
clear description of the behavior of the Stern layer as the particles come closer to 
one another- It is likely that, if relaxation occurs, it does so — at least partially — 
during the collision. It is very important to take this behavior into account, since it 
is likely to influence the reversibility of flocculation. 



8.1.2 VAN DER WAALS FORCES 



These forces are always present and always attractive between particles of the. same 
nature. They are the result of fluctuations in the dipolar interactions at the molecular 
level [2,3,13]. The potential energy of this interaction is a function of the separation 
distance r between dipoles, and has an r~^ dependence. The sum of the interactions 
between macroscopic objects (as far as molecular dimensions are concerned) yields 
an interaction energy that is a function of r~^. 

Assuming two identical spheres of radius a, with suifaces separated by a distance 
D (center-to-center separation distance R = D ■+ 2a), the potential energy is [8] 



Va = - 



A 

6 



2fl^ 2fl^ 




(8.5) 



where A is the effective Hamaker constant for the system. It is a function of the 
Hamaker constants for the particles and the dispersion medium. For objects interact- 
ing in a vacuum, the Hamaker constant is [2,3,13] 

A = TT^CpiP2 

where pi and p 2 are the number of atoms per unit volume in each object, and C is 
the coefficient of the potential interaction of atom pairs (F = —Cr~^). For particles 
1 in a medium 2, an approximate 'expression of the effective Hamaker constant is 

A ^ {\/X]_ — (8.6) 

Typical values of A are usually of the order of a few kT (3.5-8 x 10“^^ J for oxides, 
3.7 X 10'^^ J for water) [2,3,13]. 





264 



Metal Oxide Chemistry and Synthesis 



Stability of Colloidal Dispersions 



265 



For small separation distances (D/a<Cl), an approximate expression of the 
interaction energy is [8| 



Va 



/I 

l2 




(8.7) 



where L = a A- 

For large separation distances (10- 100 rim), intermolecular London-Van der 
Waals forces vary with the —7th power of the distance (the retardation effect). This 
retardation effect is due to the fact that intermolecular interactions propagate as a 
complex electromagnetic field [3]. A dipole oscillating in a molecule A emits a field 
propagating at the speed of light towards a molecule B where it induces an oscillat- 
ing dipole which in turn emits a field towards A. If the time between emission from 
A and reabsorption of the field reflected from B is negligible compared with 
intramolecular motion, A finds itself in the same configuration during emission and 
reabsorption, and the interaction energy is maximum. If the propagation time of the 
field is comparable with that of changes in internal configuration, the interaction 
energy is smaller. The main consequence of the retardation effect is a decrease in 
the reach of the Van der Waals forces. This effect does not play any role at moderate 
distances. 

In a first approximation, the influence of the electrolyte on the potential energy 
Va not taken into consideration. Therefore, this potential energy depends only on 
the nature of the particles and on the dispersion medium (Hamaker constant), as 
well as on the particle size and their separation distance. The attractive character of 
the interaction is reflected in the fact that V is negative. 



8.T3 TOTAL POTENTIAL ENERGY OF THE INTERACTION 

The calculation of the total potential energy V^-of the interaction between particles 
is the foundation of DLVO theory [14]. The total interaction energy is the sum of 
the repulsion and attraction energies Vj = Va + Fr (Figure 8.6). 

Energy V\i varies exponentially with tlie distance between surfaces. It is a function 
of the pH and the ionic strength reflected in the potential '^o (or V'd) in 
Energy Fa, in a first approximation, is insensitive to the physicochemical conditions 
of the medium and varies with the reciprocal of the distance. Therefore, Fa is 
always predominant at small separation distances, and for short distances (1-2 nm) 
the interaction energy falls drastically and causes V.j to approach minus infinity. In 
fact, for very short distances, the repulsive forces due to the interpenetration of 
strongly oriented solvent layers (structural forces) and to the overlap of electron 
clouds (Born forces) become stronger than the Van der Waals forces [15-17]. As a 
result, a primary minimum appears on the curve of F^' as a function of distance 
(Figure 8.6). 

Depending on the physicochemical characteristics of the dispersion (pH, ionic 
strength), several situations must be considered- For highly charged surfaces in the 
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Figure 8.6 Interaction energy Vj = -y Fr as a function of distance: (a) the surfaces 
repel each other strongly; (b) the surfaces are in stable equilibrium in the secondaiy 
minimum if it is sufficiently deep; (c), (d) the surfaces in unstable equilibrium cause limited 
aggregation and slow flocculation of the particles; (e) the surfaces are strongly attracted to 
one another and the particles flocculate rapidly 



presence of a dilute electrolyte, hence for large Debye lengths k~\ the particles 
repel each other more intensely as they come closer to one another. The energy 
barrier, which corresponds to a Fj maximum (Figure 8.6a), can reach from a few 
tens of kT to 100 kT and thus prevents the aggregation of the particles which are 
maintained in a kinetically stable dispersed state. If the surface charge is small and 
the ionic strength is high, the interaction energy is close to the variation in Van der 
Waals energy (Figure 8.6e). This is an attractive system for any distance between 
particles, and their flocculation is fast. For highly charged surfaces in the presence 
of a concentrated electrolyte, the total energy exhibits a small minimum (secondary 
minimum) prior to the barrier (Figure 8.6b). The particles repel one another at short 
distances, but they can remain at a given equilibrium distance corresponding to the 
secondary minimum, without flocculating- This is probably the process of foranation 
of physical, gels. In the gel state, particle aggregates form a loose network which 
traps the solvent. The presence of the solvent prevents the collapse of the aggregates 
(flocculation) and the system forms a semi-rigid medium with unique rheological 
properties [18]. 

As the energy barrier decreases, the stability of the dispersion decreases and 
aggregation becomes possible or even favored. Cases c and d in Figure 8.6 illustrate 
the kinetically unstable critical state for which coagulation is slow. The sol may 
appear kinetically stable because of the establishment of temporary stationary states 
in which aggregation is partially compensated for by dispersion. These stationary 
states allow the formation of aggregates of various sizes without complete 
flocculation of the sol. This regime is called kinetically limited [19,20]. 

For a given particle size, the height of the energy barrier depends essentially on 
the following factors: 

• The concentration and charge of the ions in the electrolyte (Figure 8.7a). An 
increase in these parameters causes a decrease in Fr^ through the decrease in the 
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Figure 8.7 Imcraction energy Vj between two spherical particles of radius a= 100 nm 
with T = 298 K and ^ 1 as a function of (a) electrolyte concentration through the term k 

(Vai = 50 inV) and (b) potential (a: == 3 x 10^ rn“‘). Hamaker constant 6.1 x 10"^® J, 
E — 78.5. Vn and Fa ^irc calculated from equations (8.4) and (8.5). Reproduced by 
permission of Butterworth-Heinemann Publishers, a division of Reed Educational & 
Professional Publishing Ltd from [9] 

Debye length {k is proportional to Z\/c). An electrolyte will be increasingly 
flocculating with increasing charge and concentration of the ions it contains. 
(Schulze-Hardy rule [21], see Section 8.1.5). This explains the flocculation of 
muds carried by rivers (fresh waters) when they come in contact with salt water in 
the ocean. It also explains the presence of lime in clay soils: the bivalent Ca^ ions 
cause the aggregation of clay particles into grains, which make the soil less 
compact and more amenable to water circulation. 

• the surface charge, and therefore the potential (Figure 8.7b). A high potential 
increases Fr without changing Fa and therefore increases the position of the 
maximum Figure 8.8 shows the increase in the aggregation with pH in sols of 
7 -Fe 203 particles. Limited aggregation, which does not cause complete flocculation 
of the particles, probably takes place in the secondary minimum. 

An increase in the Hamaker constant A makes Fa increasingly negative and the F^ 
maximum decreases. This factor should not be taken into account in the analysis of 
the stability of a system, because the value of A is fixed since it is a function of the 
characteristics of the materials. The same is true for particle size. If phenomena 
such as Ostwald ripening do not occur, the particle size is constant for any given 
system. However, it should be pointed out that the energy of Van Der Waals forces 
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pH = 1.2 2.5 3 4 



Figure 8.8 TEM micrographs showing the aggregation of iron oxide particles ( 7 -Fe 203 , 
average diameter 90 A, PZC = 8) in a cationic sol at various pH. Polyvinyl alcohol 
introduced in the sol prior to drying allows the preservation of the dispersion on the grid [22] 

will increase with the size of the particles. This would explain why, in poly- 
dispersed systems, flocculation of a fraction of the distribution may occur at any 
pH. One should not forget that if the goal is to form a stable sol through an increase 
in surface charge caused by an increase between pH and PZC by acidification or the 
addition of a base, an opposite effect is usually obtained owing to the increase in 
ionic strength of the medium. 

Interaction energy diagrams (Figures 8.6 and 8.7) show that, if the particles reach 
small separation distances (through a decrease in the charge or the addition of an 
electrolyte), the system reaches an energy wall and dispersion should no longer be 
possible. Elimination of the electrolyte through dialysis, and/or an increase in 
surface charge, increases the energy barrier which no longer allows dispersion of 
the particles. Peptization of flocculates is frequently used in the synthesis of sols. 
For redispersion to take place, the surface charge must be compensated for, rather 
than cancelled out, by counterions pressed against the suiTace, between flocculation 
and redispersion. Direct contact between particles must be avoided in order to limit 
Van der Waals forces. The minimum distance between particles must therefore 
remain at least equal to the Stern layers, so that the particles may keep their 
strongly structured hydration sphere intact [8,23,24]. Diagrams coitesponding to 
the flocculation and repeptization of the colloids (Figure 8.9) differ from those of 
Figures 8.6 and 8.7 in the absence of a deep minimum owing to a larger minimum 
separation distance, which is limited to twice the thickness of the Stem layer. 

The important parameter in Figure 8.9 is the total energy F^ at the shortest 
separation distance between particles. If F^ is negative (Figure 8.9a) there is no 
energy baixier and the coagulation of the colloids is fast. A decrease in electrolyte 
concentration by dilution or dialysis and/or recharging of the surface by a modifica- 
tion of the pH would increase F^, but the energy curve does not exhibit a sharp 
maximum (Figure- 8.9b). Therefore, the flocculate must repeptize rapidly. This 
assumes that desolvation and the mechanism of potential regulation at the expense 
of the charge do not take place [24,25]. 

Therefore, the smaller the ApK of the oxide, the greater is the rate at which 
peptization must take place, otherwise it must be carried out under such acid 
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(a) flocculation (b) peptization 

Figure 8.9 Total inlcraclioti energy Vj for (a) flocculation and (b) pepti^atio^. Thickness of 
the Stern layer d = 2 A: radius of the particles a — 500 A\ effective Hamaker cojislanl 
A = 5 y. the concentration c of a [1 ; 1] electrolyte and the diffuse layer potential t/jj 

are shown on the figure. Reproduced by permission of Academic Press from [23] 

conditions tliat the surface charge is maximum .and cannot be regulated easily. 
These diagrams are also valid for swelling clays which always keep a small quantity 
of water intercalated between sheets. Flocculation is reversible. Rehydration on 
contact with water occurs spontaneously and sheet separation, which increases with 
the dilution, may go as far as dciamination or formation of sols. 

8.1.4 KINETICS OF FLOCCULATION 

The efficiency of the energy barrier against flocculation (or coagulation) is 
characterizxd by the stability ratio W [26,8]: 

f oo 

x~^ exp[V(x)/A:7']dLv (8.8) 

where V(jr) is the total interaction energy Vj ~ Vr + at distance x ~ D -\-2a 
between two spherical particles of radius a. 

Tlie largest contribution to the Fuchs integral [equation (8.8)] comes from the 
range of distances in which F(a) exhibits a positive maximum, and therefore 
equation (8.8) can be simplified [27] into 

W ^{\/2Ka)cxp{Vj,,/kT) ' (8.9) 

In the absence of a maximum in the variation of V(jr), W is close to 1. Under these 
conditions, coagulation of the sol is fast. The floccuiation rate is limited only by the 
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diffusion of particles towards one another by Brownian motion. For particles of 
radius a, diffusion coefficient D and concentration hq, the number of collisions is 
given by the flux Jq of particles whose centers pass through each sphere of radius 
R = 2a surrounding the central particle. The flux (in s“'), calculated using Pick’s 
law, is given by ■ 

J^ = ^7rDono 

This relationship gives only the number of pairs formed by collisions, and it would 
be more accurate to take into account the formation of multiplets. The time of 
formation of doublets in the regime of fast coagulation is given by / 1/2 = 1//^ or, 
calculating the diffusion coefficient by the Stockes-Einstein law D = kT / On arj, v/z 
obtain / 1/2 = 2ri/4nokT. In the case of water, at 25 °C, ri /2 = (2lO''/^o)s if no is 
given in the number of particles, per cm'^. A moderately concentrated sol (uq =10*"* 
particles per cm^, i.e. a concentration of metallic elements of about 10“^rnoll“^) 
has a coagulation time of about a millisecond. 

The presence of an energy barrier decreases the number of effective collisions, 

■ and the coagulation rate becomes proportional to the flux: 

A - 

The stability ratio thus expresses the ratio of the number of collisions due to 
Brownian motion per unit time to the number of effective collisions leading to 
flocculation. For an energy baiaier of 20 kT and particles for which ko = 2 
{0 = 100 A, = 50 A for example), the stability ratio calculated using (8.9) is of 
the order of 10^. For the previously considered particles, the coagulation time is 
about 1.5 days. This time would be increa.sed to 7 months for a banier of 25 kT. 

A change in electrolyte concentration (at constant pH) allows a modification of 
the height of the energy barrier [equation (8.3)] and therefore allows a variation in 
the stability ratio VF. In the slow coagulation regime (charged particles, moderate 
salt concentration), an increase in salt concentration decreases the energy barrier 
and log VF varies linearly with logc [27] until the rapid coagulation regime is 
attained, where log W remains zero (Figure 8.10). 

The intersection of the two linear parts of the diagram is the limit concentration 
beyond which the energy maximum of the energy bairier disappears. From a 
practical standpoint, the stability ratio VF is the ratio of the fast flocculation rate of a 
sol in the presence of excess electrolyte to its flocculation rate at a given electrolyte 
concentration. The ratio is determined by the ratio of the initial coagulation rates, as 
observed by spectrophotometry for example [28-31]. 

Like flocculation, peptization (redispersion) can be characterized by a factor 
VF' [20]: 

' 00 

VF' = x~^ zxp{Vfx)/kT)dx = VF[exp (F^y/cT)] 

J 2a 

where F'(x) = F(jc) — and is the depth of the primary minimum (Figure 8.9).' 
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Figure 8.10 Influence of (he eleclrolyle concenlration on the flocculation rale of hemalile 
parlicic.s (o-FejO,) of average dianielcr 47.5 tmi and PZC = 8.2 (a) al pH 1 1.8 with 
counlerions K ' and (b) al pH 4 with counterions CIO 7 . Reproduced from [28] by permission 

The peptization rate is: 7,, = yO/lV' and the overall rate of aggregation is 

V = Vn ~ V, = 

The expression of the efrcctivc stability VT^ff = W[\ ~ exp (V^/^r)]“‘ shows that 
^ggi'egation is slower, or even zero, as is increasingly positive (Figure 8.9). It is 
therefore understandable that a systein could be maintained in a state of limited 
aggregation (which is often observed in sols) when both ~ V^) and are 
small, of the order of a few kT. 

It is interesting to note that the particle size has no influence on the interaction 
energy diagrams. When the radius of the particle (assumed spherical) is very large 
compared with the distance between surfaces {D/a<^l), both Vr and Va are 
proportional to the radius and therefore the shape of the diagram does not change. 
In particular, the sign of is independent of size [24]. 

Depending on the flocculation rate, the structure of the aggregates can differ. 
When the particles aggregate slowly, the aggregates are compact and frequently 
non-rcdispersable because there is' enough time for desolVation and relaxation 
of the double layers to take place. The aggregate is highly compact because, in 
such a situation, the particles can increase the attractive Van der Waals energy by 
increasing the number of contact points. However, if flocculation is fast, aggregates 
usually exhibit a loose and voluminous structure because of the large amount of 
trapped solvent. The fast flocculation rate also prevents particles from organizing 
themselves within the aggregate. This aggregate is frequently peptizable, as long as 
the relaxation of double layers is not appreciable. If left unperturbed for a long 
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time, the aggregate becomes progressively irreversible. The charge is no longer 
screened or compensated and tends to decrease or eve;i become zero. Therefore, 
peptization of small particles should take place immediately after their flocculation. 

8.1.5 CHARACTERIZATION OF THE OXIDE-SOLUTION 
INTERFACE BY THE FLOCCULATION KINETICS 

The loglV/logc diagrams are a simple source of information on the behavior of 
ions near surfaces and on the properties of the surfaces themselves. An excellent 
example is tlie study of hematite sols (a-Fc203) prepared by thermohydrolysis 
(100°C) of Fe(N03)3 solutions aged at pH 1.6 for 2 weeks [28,32]. The PZC of the 
material (?^8.2) allows the formation of sols in an acidic or alkaline medium. 

The critical salt concentrations, (C|im), corresponding to rapid coagulatioh have 
been determined, at fixed pH, for various monovalent ions (anions at pH < PZC, 
cations at pH > PZC). They are obtained from the diagrams in Figure 8,10 and 
transferred on to Figure 8.11. The flocculating strength of anions in an acidic 
medium (IO3- > F" > CH3CO2 > CH2CICO2 > CHCl2C02“ > .Br' > NO3- > Cl“ > 
CIO^ I") and that of the cations in an alkaline medium (Li“^ > Na“^ > K“^ ^ Cs"^) 
follow the same order as the structuring role of these ions on water, as determined 
by the viscosity of aqueous solutions or hydration heats [34] (see Section l.l.3c). 
Since a small limit concentration is the reflection of strong adsorption, the surface 
of hematite particles is strongly stnjcturing towards water. 

The surface of an oxide will adsorb an ion strongly if their behavior in water are 
similar [33] (see Section 6.3.3). Hence, structuring ions 10^, F“, Li“^ and are 
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for anions (a) and cations (b). Reproduced from [28] by permission 
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'fable 8.1 FloccuUuion sequence of several oxides 
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WOi 
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C.s * > Li ' 


TiOz 
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Li *- > Cs '- 


V 2 O 3 


1-2 




Crz 03 
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1.5 




7i-Mn02 


7.3 




Si 02 


2-3 




ZnO 


8 





slrongly adsorbed when Ihe surface is positively and negatively charged, respec- 
tively, whereas destrucluring ions such as CIO 4 , I", Cs'^ and K+ are not adsorbed. 
Using flocculation .sequences, or immersion heats [35], it is possible to distinguish 
the destrucluring oxidcs-(PZC <4) from the structuring ones (Table 8.1). 

Values of dim for a-Fe 203 in an acid medium are 80-150 mmoir', and 20-50 
mmol 1 ’ in an alkaline medium. Eleclrokinetic potentials at flocculation are also 
higher in an alkaline medium (25-28 mV) than in an acidic medium (8- 14 mV) 
[32]. This shows that, in spite of a weaker surface potential, a positively charged 
surface is more stable towards flocculation, and therefore that attractive van der 
Waals forces are weaker than between negatively charged surfaces. The attraction 
energy depends on the nature and size of the surfaces, not on the sign of the charge 
or on the electrolyte concentration. The decrease in interparticle attraction appears 
to be due only to the screening of these attractions by water molecules, which are 
more slrongly adsorbed on a positive, more strueturing surface than on a negative 
surface. The ceiiter-to-center distance between particles at flocculation is therefore 
greater in an acidic medium than In an alkaline medium. This also explains why, 
soon after flocculation in an acidic medium, particle peptization is observed after a 
simple dilution. This is not the case for negatively eharged and less hydrated 
particles. The distance between flocculated particles is immediately very short and 
the Van der Waals energy is much higher (of the order of 20 kT). Figure 8.11a 
shows two regimes in the variation of the limit flocculation concentration as a 
function of pFL The linear part, common to all ions, is extrapolated to the PZC of 
the oxide (obtained independently by varying the electrokinetic potential as a 
function of pH): the ions behave non-specifically in this range. The break in the 
curve, which corresponds to deviation from the general behavior of ions, may be 
considered as the specificity threshold beyond which ions penetrate the Stern layer 
under the influence of the surface potential tJjq. The measured values of ip^ at the 
specificity threshhold, plotted as a function of the surface potential ipQ [calculated 
with the Nernsl equation (7.27)] (Figure 8.12), show that specific adsorption takes 
place at higher potentials if the structuring (destrucluring) strength of the ions 
decreases (increases). 

Specific adsorption phenomena are more pronounced for multivalent ions because 
of their higher structuring strength. Their flocculating strength is also markedly 
higher than that of monovalent ions, and the Schullze-Hardy rule stipulates that 
the c'lini • 7 /^ product is constant [21,24]. 
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Figure 8.12 V'd cis a function of iJjq at the specificity threshold for various anions adsorbed 
on q-Fc 203 . Reproduced from [28] by permission 

It is also interesting to note that peptization by dilution of sols flocculated in an 
acid medium, is immediate if they have not aged more than 2 min. Beyond 15 min 
evolution, ultrasonic irradiation must be used. It is difficult to repeptize sols 
flocculated in an alkaline medium, independently of ageing time [32]. This clearly 
illustrates the effect of the relaxation of the solvation layer in floes. Elimination of 
adsorbed water allows sharing of solvation layers, a decrease in interparticle distance 
and hence an increase in attraction energy, making peptization more difficult. 

8.2 THERMODYNAMIC STABILITY OF THE DISPERSIONS. 
CONTROL OF PARTICLE SIZE 

The classical analysis of nucleation and growth phenomena (see Section 2.3) involves 
the concentration of precursor of the solid phase as the main parameter controlling 
the particle size, because it regulates the relative importance of each reaction step 
and their* possible overlap. During Ostwald ripening, the system reaches thermo- 
dynamic equilibrium. However, for a given concentration of the solution, the particle 
size decreases as the difference between PZC and the precipitation pH of the cation 
increases. Under such conditions, Ostwald ripening is almost non-existent. The fact 
that the 'divided state of the solid may be limited permanently makes the thermo- 
dynamic stability of oxide particles a reality from a dimensional point of view. 

This concept can be applied to microemulsions [36]. Microemulsions are homo- 
geneous, transparent dispersions of water, oil (toluene or cyclohexane, for example) 
and surfaetant. These micellar systems form spontaneously and are very stable. 
Since the phases in contact are fluid and since the molecular interactions are weak, 
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such systems are very labile and a change in composition or temperature can easily 
cause a change in the size or the structure of the particles [37]. Such systems can 
probably be treated as colloidal systems from a thermodynamic standpoint as well 
as from a kinetic standpoint. The reactivity of oxides is much lower than that of 
microemulsions since breaking a metal— oxygen bond requires a large activation 
energy. The spontaneous division of solids caused by the modification of a parameter 
of the dispersion is usually not observed, at least in short times. However, since it is 
possible significantly to affect the particle size without involving Ostwald ripening 
by changing some synthesis conditions (acidity, ionic strength of the medium, 
concentration, temperature, etc.), it is possible to assume that thermodynamic 
equilibrium is readied in these systems. 

In the classical treatment of precipitation, the surface energy of the solid is 
considered constant. This constant is related to the chemistry of the system, and the 
fact that this energy is also a function of the chemical composition of the oxide- 
solution interface is ignored. In turn, we have seen that the characteristics of the 
interface are closely related to the acidity and the ionic strength of the solution (see 
Chapter 6), i.e. to the physicochemical conditions of the synthesis. The growth of 
particles of any substance depends on the ability of the system to decrease its 
surface area. This ability is characterized by the surface energy (or tension), 7 also 
involved in the change in free enthalpy of formation of the disperdon. Since the 
interfacial energy depends on the chemical composition of the interface, it would be 
expected that thermodynamic criteria would control the stability of the size of oxide 
colloids. This problem is different from the stability of a dispersion towards aggre- 
gation, which is characterized by a kinetic energy barrier (Fuchs’ integral) similar 
to the activation energy of a chemical reaction involving deformation of molecules 
within an activated complex. 

In the expression of the interfacial energy, 7 = {9G/dA)pj^^ (see Section 8.2.2), 
we observe that if 7 in a two-phase system is positive, spontaneous evolution 
(9G<0) tends to decrease the extent of the interface (9A < 0). This is what happens 
to a drop of water in air, to two immiscible liquids or during the growth of particles 
during ageing (Ostwald ripening). If 7 is negative, the interface must spontaneously 
expand (9A>0). If 7 is zero (or slightly positive owing to the contribution of 
entropy to the free enthalpy of formation of the dispersion [36,41]), equilibrium is 
reached. This postulate, which explains the formation and stability of microemul- 
sions, can be applied without obstacles to oxide particles. It does not necessarily 
imply the spontaneous division of the solid, which would involve elevated activation 
energies, but it allows for an understanding of the reasons why the size and stability 
of particles during ageing can be regulated by the physicochemical conditions of 
the precipitation medium. 

In order to explain the influence of these parameters on the size and stability of 
the particles, and in order to understand if it is possible effectively to control the 
dispersion of a solid during precipitation, it is useful to understand how the interfacial 
energy relates to the physical chemistry of such systems. 
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8.2.1 SURFACE ENERGY (TENSION) AND INTERFACIAL ENERGY 

Within a liquid, there are isotropic attractive forces between molecules (Van der 
Waals, hydrogen bonds, etc.), but the molecules located on the surface of the liquid 
are subjected to uncompensated forces which tend to attract them towards the inside 
of the liquid. Therefore, as many molecules as possible leave the surface for the 
interior of the liquid, anddhe surface tends to contract spontaneously. The surface 
energy represents the difference in interaction energy between panicles, depending 
on whether they are located on the surface or within the condensed phase. Assuming 
that in a condensed phase the interactions between nearest neighbors dominate, and 
that all interaction energies, v{r), can be added to each other, the potential energy 
per molecule within the liquid is [3,9] 

liq ~ l/2ZAAliq ^ ^AaCTr) 

where ZAAiiq is the number of neighbors of the molecules in the liquid at a 
distance r^. 

The potential energy per surface molecule is also given by 
-^Asurf “ l/2ZAA^urf ^ ^^^Aa(a) 

where is the distance between molecules on the surface. Assuming that r„^ = r^ 
and ^AAsurf = l/2zAAiiqj wc havc 

Da surf Da liq — ^AA m) ^ (^Aa/2) ( I / 2 1 ) 

Since vaa is negative, the difference ^Asurf “ ^Aiiq is positive. It is necessary to 
provide energy in order to form a surface. 

When two liquids A and B are in the presence of one another, any A molecule 
leaving the bulk of the liquid for the interface progressively loses about half of its 
interactions with other molecules, but it also gains about the same number of inter- 
actions with B molecules. The potential energy of an A molecule at the interface 
can be written as 

J^Asurf ~ l/2ZAA.surf ^ ^AA(^AAsurf) “F 1 /2 ?!aB surf ^ ^AB (^AD surf) 

For A and B molecules of similar sizes 

^AAsurf “F ZABsurf liq ZbB liq 

If 'Uab(^'Ab) >'^Aa(^Aa)j £^A surf. > -^A liq 1 ^^id if f AB (^AB ) < '^AA (^AA ) j ^A surf < -^A liq ■ 

The same is true for B molecules. Therefore, in order to create a surface, A and B 
molecules must be brought towai'ds the interface and the energy change per 
molecule is 

^D = (-^Asurf “ -^Aliq) " (-^B surf " -^Bliq) 

If AD is positive, the interface must shrink as much as possible, whereas if AD is 
negative, the interface must expand and allow mixing of the two liquids. It is also 
necessary to take into account the entropy change, which favors dispersion, even if 
AD is slightly positive. 
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Table 8.2 Surface tension and interfacial tension for a few 
liquids (in mNm~' or mJm“^ at 20 °C) 



Interface 


Liquid/ vapor 


Water/liquid 


Water 


X 72.75 




Benzene 


X 28.88 


x35 


CCI4 


X 26.77 


x45 


Hg 


476 


375 



The contribution of surface energy to the total energy becomes important if there 
is no change in energy within the liquid, or if the system is sufficiently divided for 
the surface energy to be comparable with the energy within the liquid. The work W 
necessary for the creation of the surface is proportional to the number of molecules 
brought from within the liquid to its surface, e.g. it is proportional to the area 6A of 
the newly created surface, 6W — ySA. The proportionality factor 7 represents the 
surface energy (or tension) in the case of a liquid/gas or solid/gas interface. It is 
called the inteifacial energy (or tension) in the case of a liquid/liquid or liquid/ 
solid interface. It has the dimension of [MT“^] and is expressed in mJ m“^ or 
ergem^^. It is the energy required for an increase of the surface, reversibly and 
isothermally, by one unit. If dG is the change in free enthalpy associated with 
the formation of a surface dA, then 7= {dG/dA)pj For liquids, 7 is usually 
expressed as a force per unit length (surface ‘tension’), given in mN m“’ or dyne 
cm"' . It is worth noting that all units of 7 have the same dimension [MT”^] and that 
the numerical values of 7 are tlie same [2,3]. 

The surface tension of liquids is measurable experimentally. A few values are 
given in Table 8.2. The surface tension of solids is not measurable directly because 
their small lability does not allow them to reach equilibrium, but it can be calculated 
[2,38-40]. It varies from 50 to a few hundreds mJ m"^. 

8.2.2 DECREASE IN INTERFACIAL ENERGY OWING TO 
ADSORPTION 

The free enthalpy of a system may be divided into two components associated with 
its bulk (c) and its surface (s): G = G^ + GY The terms may be expressed as 

+ PV -TS+ G^ - + 7A - TS^ + 

Within the two-dimensional space that is the surface, the PV term and its differential 
FdP have no physical significance and may be neglected. Differentiating G^ gives 

dG'^ = dr + A d7 + 7dA + d/ij + d^. (8.10) 

From both principles of thermodynamics, we may write 

dG - {dG/dT) dr + {dG/dP) dP + [dG/dn) d/i 



or 
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dG^ = -S^dT + ydA + E^/,.daJ . ’ 

Subtracting (8.11) from (8.10), we obtain: Ad7 + EtP.dp- = 0, an expression more 
widely known as 

d7 = -(SaJ/A)d^. = -Er.d^. (8.12) 

where F,- is the adsorption density of the dh constituent on the surface. Equation 
(8.12) is the Gibbs adsorption equation. It shows the influence of the composition of 
the zone near the surface on the interfacial tension. This relationship is analogous to 
the Gibbs-Duhem relationship, E/udpi = 0, obtained in a similar manner from the 
expression 

dG" - VdP - SdT + Ejm dn; + E/7,- d^/ 

which applies to bulk phases and does not take surface energy into consideration. 

Equation (8.12) shows that adsorption of substances (increase in F) decreases 
interfacial tension. This is why molecules of fatty acids or alcohols that exhibit 
a polar hydrophilic head and a hydrophobic tail are called surfactants. These 
amphiphilic molecules are soluble irr water and in hydrocarbons. They prefer to 
segregate at the water/air interface or at the water/oil interface as monolayers, 
since this situation is energetically favorable compared with complete solubiliza- 
tion into one phase or the other. The decrease in surface energy of alcoholic solutions 
in water (Figure 8.13a) shows that the tendency of alcohol molecules to occupy the 
water/air interface increases with the length of the hydrocarbon chain. Conversely, 
the surface energy of water increases with the concentration of ionic solutes 
(Figure 8.13b). The water-ion attractive forces are stronger than the water- water 
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Figure 8.13 Surface energy of aqueous solutions as a function of concentration in (a) alco- 
hol and (b) sodium chloride at 20 °C. Reproduced by permission of Butterworth-Heinemann 
Publishers, a division of Reed Educational & Professional Publishing Ltd from [9] 
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interactions, and the ions migrate towards the bulk of the solution. The adsorption is 
negative and 7 increases. 

The adorption of surfactants (wetting agents) decreases the interfacial tension of 
water and promotes expansion of the interface. If, through the adsorption of such 
molecules, the interfacial tension between two non-miscible liquids is sufficiently 
decreased or becomes negative, emulsification is spontaneous since the interface 
may expand without increase in free enthalpy. This explains schematically the 
formation of microemulsions. 

In the case of oxides, the Gibbs adsorption equation (8.12) gives the variation in 
interfacial tension of particles in the presence of a basic solution XOH (or an acidic 
solution HY) and an electrolyte XY [39-41]: 

d7 = -(Til — Ton) d^ixoH ~ (^x " Ty) d/^xv (8. 13) 

where T, the adsorption density, is expressed in number of moles adsorbed per unit 
area. 

Since the adsorption takes place on a charged surface, the electrochemical 
potential of the adsorbed species, /i*, must be taken into consideration (^i- = 
Ij, 4- Neglecting the specific adsorption of X*^ and Y“ ions, for an elevated 

and constant ionic strength ([XY]>[XOH], d/ix = 0)» (8.13) becomes 

d7 = -(r„-ro,,)dMoH (8.14) 

The surface charge is uq = F(Tn — Ton) ^nd (8.14) becomes 

d7 = -(cro//^) d/ioM - ctq dV^o (8.15) 

where is the surface electrical potential. 

Equation (8.15) shows that, on the one hand, the interfacial tension is maximum 
at the PZC, for which ao and i/jq are both zero, and, on the other hand, there are both 
a chemical and an electrical contribution to the decrease in interfacial tension. 
Since the charge and the surface potential are directly related to the pH and the 
ionic strength of the medium, the surface energy of the solid is certainly controlled 
by these parameters. 

The variation in the interfacial tension of various oxides is calculated from the 
integration of a = f(pH) curves for different ionic strengths (Figure 8.14) [39-40]. 
The variation is similar to that calculated after integration of equation (8.15) [41], by 
calculating the chemical contribution d/ioH using the Langmuir fnodel, and evaluat- 
ing the electrical contribution using the Grahame equation (7.35). A large decrease 
in oxide-solution interfacial tension, reaching zero or even negative values, is 
therefore predicted for high ionic strengths and far from the PZC of the oxide. 

Since adsorption causes a decrease in interfacial energy, and since spontaneous 
dispersion of the systems occurs for 7<0, the stability criterion, 7 = 0, must be 
associated to the pH value corresponding to the point of zero surface tension PZST 
[41]. Two PZST can be defined since adsorption of PDIs may take place on either 
side of the PZC (Figure 8.14). 
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AydriN m"'*) 




PZC PZC 

Figure 8.14 Surface energy as a function of pH, calculated from <j = f(pH) curves, for 
ThO;, and AI 2 O 3 at various ionic strengths. Reprinted with permission of from [40]. 
Copyright 1969 American Chemical Society 



The PZST is calculated by integration of equation (8.15) [42]. This integration 
will not be discussed here. 

Depending on the value of 70 (surface energy at PZC usually between 50 and 
300mJm”^), and for given experimental conditions (/, pH), a two-phase macro- 
scopic system will be obtained in which the minimum interface is reached (PCN < 
pH < PZST in the case of a negatively charged surface, 7>0) or, if pH ^ PZST, 
7 ^ 0, a thermodynamically stable dispersion is obtained in which the particle size 
does riot change during ageing. 

8.2.3 CONTROL OF THE PARTICLE SIZE OF OXIDES 

Magnetite Fc304 is an interesting oxide because spheroidal particles crystallize 
almost immediately during precipitation at room temperature (see Sections 3.5 
and 5.6.1). Figure 8.1,5 shows the change in particle size for particles formed 
via coprecipitation of a stoichiometric mixture FeC^ T 0.5FeCl2 in anaerobic 
conditions, in a basic solution where the pH is maintained constant with an 
automatic potentiometric apparatus, and in which the ionic strength is stabilized by 
an electrolyte [43]. The higher the pH and ionic strength /, the smaller are the 
particles. In addition, for a given ionic strength, there is a critical pH, pH*, defining 
a pH (pH>pH*) with which particle size does not change during ageing (Figure 
8,16). If pH<pH*, the particles tend to become coarser after their formation. 
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Figure 8-15 Average size of Fe^O^ panicles formed (a) at various pH (/ — 0.5M) and (b) at 
various ionic strengths (pH ==12) after 8 day ageing at 25 Reproduced with kind 
permission from Kluwer Academic Publishers from [43] 
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Figure 8.16 Average size of Fc 304 synthesized at various pH, (25^C, / = 0.5M) 
immediately after precipitation (o) and after 8 day ageing (•). Reproduced with kind 
permission from Kluwer Academic Publishers from [43] 



The chemical composition and electrostatic charge of the surface of the particles 
are determined by the pH and the ionic strength of the solution. The pH influences 
the protonation-deprotonation equilibria of the surface hydroxylated groups 
(magnetite is negatively charged at pH>PCN;^ 8 )- The ionic strength 1 ensures 
shielding between the charged groups on the surface and, at a given pH, the surface 
charge increases with I (see Section 6.3). The increase in surface charge by proton 
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desorption decreases the interfacial tension compared with its maximum value 
obtained at the PZC of the oxide [equations (8.12) and (8.15)]. 

Above the critical pH, pH", which can be assumed equal to the PZST, the particle 
size seems to be controlled by the difference ApH = pH - pH* and does not change 
with time (Figures 8.15 and 8.16). This suggests that particles form in conditions in 
which the surface is electrostatically saturated and in which the vei 7 weak inter- 
facial tension allows an increase in surface area at little energy expense. The larger 
the difference ApH = pH ~ pH*, the smaller the particles since an increase in the 
number of charged sites leads to an Increase in the size of the interface. The 
nucleation activation energy decreases when 7 decreases [equation (2.4)]. Under 
such conditions, dissolution-crystallization phenomena do. not take place since the 
driving force for the reduction oT surface area is very small (the 7 cL 4 term has 
almost no influence on the free enthalpy of formation of the dispersion). If the 
precipitation pH is lower than the critical pH*, the surface is not electrostatically 
saturated and the interfacial tension remains strongly positive. The system tends 
spontaneously to reduce its interfacial area. Secondary growth via Ostwald ripening 
must take place and the final particle size depends mostly on the lability of the 
dissolution-crystallization equilibria. 

The interfacial tension should therefore not be treated as a constant for an oxide, 
and it appears that it is probably the most relevant parameter in particle size control. 
It is easy to understand why, from this standpoint, pH and ionic strength are major 
parameters affecting precipitation. Although little data are cumently available, the 
example of magnetite can probably be extended to other oxides. The effect of 
medium acidity, for a given ionic strength, on the growth or stability of the solid 
phase is shown in Figure 8.17. 

When PZC < pH < PZST (zone A), particle growth is not limited during synthesis 
(the surface charge is not saturated). Kinetically stable dispersions may exist in 



particis size 




PZC PZST pH 



Figure 8.17 Variation in particle size as a function of precipitation pH (pH ^ PZC, suiface 
charge ^ 0) 
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this domain, but some evolution in the size of the particles is possible (Ostwald 
ripening) in order to minimize the interfacial area. The B zone characterizes thermo- 
dynamically stable dispersions (pH>PZST, saturated surface charge). The particle 
size is determined by the difference pH-PZST. (Research is under way in order to 
determine the particle size variations within this pH range [42].) 

Within zone C, pH::^PZST, solid particles cannot form. The solution is 
homogeneous and contains mono- or polynuclear complexes owing to the dissolu- 
tion of oxides or hydroxides in a strongly acidic or basic medium. 

When an oxide is formed under the conditions of zone A (non-limited growth), it 
might be expected that a change in the pH or ionic strength would bring, the system 
back into zone B, leading to spontaneous division and thermodynamic equilibrium. 
The height of the activation energy barrier limits the evolution of the system in 
most cases. Under more extreme conditions (pH very distant from the PZST, i.e. a 
strongly acidic or alkaline madium), the oxide is dispersed through a ‘dissolution’ 
mechanism. 
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Interface Reactions and 
Adsorption 

The surface of oxide particles in water is a privileged reaction zone. Dissolved 
species such as metal cations, anions, neutral molecules or polymers are likely to 
attach themselves and adsorb on it. Owing to iht large surface area of colloidal 
suspensions this phenomenon can have significant magnitude, and adsoiption plays 
a role in many different processes such as matter transport in natural or industrial 
waters, in geochemistry, catalysis and stabilization of dispersed media. Adsoiption 
of polymers on oxide particles also allows the fabrication of organic-inorganic 
hybrids. Adsorption (or ‘sorjilion’ if more than a monolayer of matter is attached) is 
a very important phenomenon and it would be useful to understand the interaction 
mechanism between oxide particles and species in solution. 

Hydroxyl ated groups, which are the cause of the surface charge (see Chapter 6), 
may also act as coordi tuition sites for dissolved cations, or may be substituted by 
anions (surface coordination). They may also act as nucleation sites for a solid 
phase in the case of surface precipitation. Therefore, several possible mechanisms 
should be considered in the overall phenomena of adsoiption, and most of them 
may be described in terms of the classical concepts of coordination chemistry. 
However, adsorption exhibits some specific characteristics because one of the 
partners is a solid with structural and physical properties that may play an important 
role. Although adsorption often involves only the surface of the particles, if the 
solid exhibits appreciable ionic mobility (in the case of an ion-exchange material), 
or electronic mobility (for a mixed-valence material), acid-base surface reactions 
may trigger various phenomena in the core of the particles, reactions which in turn 
may cause ionic and/or election transfers through the solid-solution interface. 

9.1 ADSORPTION OF METAL CATIONS 

Oxide particles suspended in an aqueous medium carry hydroxylated groups 
bearing positive or negative charges that modify the properties of water in the 
solvation sphere. These characteristics, which are related to the pH of the solution, 
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cause an interaetion between the surface and cations in solution. Like many other 
phenomena we discussed, adsoiption is closely linked to the acidity of the medium, 
for any oxide or cation in solution [I]. This is because the pH of the suspension 
controls both the hydrolysis of the cation and the surface charge of the oxide. 
However, there are several types of interaction, depending on the nature of the bond 
between the adsorbed ion and the surface. 



9.1.1 ELECTROSTATIC INTERACTION AND OUTER SPHERE 
COMPLEXES 

Non-hydrolyzable, non-strueturing cations, such as Li'^ or Na'^, adsorb on oxides 
when the surface is negatively charged (pH > PZC). Ions are attracted towards the 
surface by ‘non-specific’ forces: electric charge, preferential solvation within the 
heavily structured hydration sphere of the surface (see Sections 6.2.2 and 8.1.5). 
Such ions are called ‘physisorbed’ since they are restricted to the solvation layer 
and they exhibit reduced mobility. This is the case for Na^, whose relaxation time 
(determined by ^^Na NMR) is longer near the surface of silica than in solution [2]. 
Preferential solvation of structuring cations within the hydration sphere of the 
surface is clearly shown by the adsorption sequence Li'^ > Na'^ > > Cs"^ (see 

Section 8.1.5). 

A similar interaction occurs with the very stable complexes of various cations 
such as Cu^'^, Ni^'*' or Co^'^. At high ammonia concentration (pH > 8), [M(NH 3 )g]^'^ 
complexes dominate in solution and are adsorbed on various substrates [3]. The 
UV-visible characteristic absorption of the nickel amino complex is not shifted 
upon adsorption on silica [4]. Adsorption of these complexes does not cause a shift 
in the intersection point of the proton titration curves (i.e does not cause a shift in 
the PZC of the oxide [5]). The negatively charged surface of the oxide acts as the 
counterion of the cation complex [M(NH 3 )cJ^'^ (M = Cu^''‘, Ni^'^, Co^'^), leading, 
at the most, to the formation of ion pairs: 

-Si-0~NH4'' 

^ +Ni(NH3)f,2A 

-Si-0"NH4 

Some very stable metal complexes with very bulky ligands (phenanthroline, 
bipyridyl) may appear specifically adsorbed without modification of their coor- 
dination sphere [5]. The large size of' the ligands and their polarizability allow a 
significant contribution of Van der Waals forces to the energy of adsoiption. 

Some aquo cations may be adsorbed non-speeifically. This is the case for in 
an acid medium (pH<3) impregnated in porous silica, where the pores, are small 
(<6nm). The EPR spectrum of copper is characteristic of hexa-aquo ions 
[Cu(OH 2 )e]^'^ exhibiting axial symmetry [6], but their rotation and reorientation 
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time is 1.5 times longer than that of ions in aqueous solution. Their mobility is 
strongly affected by the structuring of water near the surface. The cations appear 
trapped within 8- 10 layers of solvation, forming a ‘vitreous’ matrix filling the small 
pores. With larger-pore silica, the water filling the pores is not so strongly 
structured, and a second EPR signal characteristic of [Cu(OH 2 )g]^'*’ ions in solution 
is observed [6]. 

Oxides more strongly basic than Si02, such as MgO and AI2O3, develop. stronger 
interactions with [Cu(OH2)[6]^‘^ ions. The EPR spectrum of copper is similar to 
that of the solid [6]. Althougii the cupric ions are not desolvated, the [Cu(OH2)6]^^ 
are immobilized on the surface. A similar situation is encountered when they are 
adsorbed at pH 2.7 on Ti02 [7], i.e. well below the PZC of the oxide (pH = 6.2). 
Although the ions cause an increase in the electrophoretic mobility of the oxide (see 
below) because they increase the surface charge, their ‘static’ EPR spectrum is 
typical of cupric ions hydrated in a distorted octahedral environment. This means 
that the axis of the tetragonal distortion does not change at the time-scale of EPR 
spectroscopy. 

In this type of interaction, there is no change in the coordination sphere of the 
adsorbed cations. In fact, their solvation by the surface hydration layer is higher 
than with ‘liquid’ water. From a coordination chemistry standpoint, sodium and 
cupric ions form ion pairs with the surface (the surface is negatively charged), or 
perhaps outer sphere complexes [8] probably involving hydrogen bonds between 
surface hydroxyl groups and the coordination water, through the bridging ligand 
[H3O2] [9,10]: 

-M-OH H20^ -M-O-H-0^ 

^ + Cu(OH2)f, 2A~ ^ ^Cu(OH2)4 , 2A“ 

-M-OH H 2 O -M-O-H-O. 

^ H 

In fact, in the process of ‘physisorption’, the surface acts as a solvating agent for the 
cations. At most, the cations shield the surface charges without modifying the PZC 
of the oxide. 

9.1.2 CHEMISORPTION AND INNER SPHERE COMPLEXES 

Cations that hydrolyze easily, such as Zn(II), Cd(II), Hg(II), Pb(II) and Al(III), and 
transition metals have a strong affinity for oxide surfaces, and adsorption may occur 
against electrostatic forces, and for pH values inferior to the PZC of the oxide. 
Adsorption of these cations is a strong function of the pH, since there is a narrow 
pH range, usually I -2 units, for which the adsorption rate (the degree of saturation 
of the surface) changes from 0 to 1 00% (Figure 9.1). 

The pH for the onset of this phenomenon is always lower than the pH at which 
the cations alone in solution would hydrolyze or precipitate. This brings about the 
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Figure 9.1 Adsorption isotherms at 25 ‘^C for Fe(IlI) (1.2 x 10“‘’M), Cr(III) (2 x IO'^’M), 
Co(II) (1.2 X 10“'*M) and Ca(ll) (1.4 x lO'^^M) on Si02 as a function of pH. Reproduced by 
permission of Academic Press from [11] 




issue of the adsorption mechanism for such cations [1,12,13]. The process may 
occur via adsorption of previously hydrolyzed complexes 

(M(OH2)6r’^ + «H20 [M(0H)„(0H2)6]'^"')-'- +«H30+ 

(«HO“) (/ 1 H 2 O) 

that physisorb on the surface: 

S-OH + [M(0H)„(0H2)6-„]'"'”" — |oH)„„ [M(0H)„(0H2)6_„]^‘-''^" + «'H20 



An equivalent process with regards to the stoichiometry of proton exchange may 
also involve hydrolysis of complexes by the surface: 



S-OH + [M(OH2)e]^^ =;=!= S(0),„ M(0H2)6_J^^“"^^ + 

4 4 



The issue is to determine whether cation hydrolysis precedes and enhances their 
ability to adsorb, or whether hydrolysis is a consequence of adsorption. In the first 
scenario, we are dealing with physisorption of hydrolyzed complexes whose coor- 
dination sphere is not affected by adsorption. In the second scenario, penetration 





288 



Meta! Oxide Chemistry and Synthesis 
mmol Co/g FeOOH 



2 



2 



1 

1 



0 



2 4 6 8 10 12 pH 

Figure 9.2 Adsorption of Co(Il) on a-FeOOH for various concentrations. (I g solid in 
200 ml solution). Reproduced by permission of Academic Press from [14] 



of the coordination sphere of the cation by oxo or hydroxo ligands causes their 
chemisorption as inner sphere complexes. 

In fact, although the adsorption isotherm cannot predict this, both mechanisms 
occur, depending on the pH of adsorption, as shown in the following examples. 

(a) Structural Considerations 

Adsorption of Co(II) on o'-FcOOH goethite occurs between pH 6 and 7 [14] (Figure 
9.2). If alone in solution, Co^'^ forms the [Co(OH)(OH2)5]'^ complex around pH 7. 
At a concentration of 0.1 mol 1“*, the hydroxide precipitates around pH 8 [15]. 

XPS spectroscopy shows that adsorbed Co(II) exists under various forms 
depending on the pH of the reaction [14]. At pH < 0.5, cobalt is adsorbed as the 
hexa-aquo ion. Since the PZC of the surface is 6-5, aquo ions form outer sphere 
complexes with the neutral and negatively charged groups of the surfaee (— Fc20Ho, 
-Fe^O^', see Section 7.1.1). The adsorption density is small because the surface is 
charged positively. 

Between pH 6.5 and 7.5, XPS parameters of adsorbed Co are very similar to 
those of the hydroxide Co(OH)2- Since, in a solution of the same concentration, - 
cobalt alone hydrolyzes only at pH > 7.4, it is very likely that hydrolysis of Co(Il) 
is induced by surface groups rather than by the acidity of the solution. Surface 
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hydroxyls act as hydrolyzing ligands, and cobalt chemisorption is the result of the 
formation of inner sphere complexes. 

If adsorption takes place at pH > 8, XPS data show the presence of Co(OH)2 and 
CoO(OH) on the surface. These forms are also identified by XRD and XPS in the 
precipitates formed at the same pH in solutions containing Co alone. This strongly 
suggests that hydrolysis and precipitation of cobalt occur, in solution, and the 
precipitated particles are later physisorbed on goethite. ‘ 

Therefore, three adsorption mechanisms seem to take place,' depending on the pH 
of the medium. A similar behavior is observed for the adsorption of Co(II) on Si02 
and Ti02 [11], on Zr02 and AI2O3 [16] and for the adsoiption of Zn(II), Cd(II) 
Cu(II) and Pb(II) on amorphous ferric oxyhydroxide [17,18]. 

The hydrolyzing role of oxide surfaces is very elegantly shown in Mossbauer 
investigations of the adsorption of ^^Fe(lII) on hematite a-^^'Fe203 [19]. Since ^^Fe 
is Mossbauer-inactive, the spectrum of ferric ions is not obfuscated by that of the 
particles. 

At pH 2.5, the oxide surface is positively charged and ferric ions are present in 
dilute solution (10~^noir‘) as tFe(OH2)6]^'' (70%), [Fe(OH)(OH2)5]^'*' (20%), 
[Fe(OH)2(OH2)4]’^ (3%) and [Fe2(OH)2(OH2)g]'*'^ (6%). Mossbauer spectra of the 
suspension (Figure 9.3a), which exhibit a sextuplet, show that all adsorbed ferric 
ions interact magnetically with the substrate. The parameters of the adsorbed ions 
(isomeric shift, average hyperfine field) are very similar to those of solid hematite. 
Within the adsorbed layer, ferric ions occupy sites characteristic of the structure of 
hematite, and hence the layer is an extension of the crystalline network of the 




-16 0 mm/s +1^ 



(a) (b) 

Figure 9.3 Mossbauer spectra at room temperature for ^^Fe(III) ions adsorbed on hematite 
particles a-^^Fc 203 (a) at pH 2.5 (A suspension; B after dicing; C after heating at 600 ""C for 
6h; D after heat treatment at 600 '"C for 6h) and (b) at pH 6 (A suspension; b" after drying). 
Reprinted with permission from [19]. Copyright 1990 American Chemical Society 
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particles. In this acidity range, ferric ions are not able to nucleate on the solid, and 
most certainly not on the corundum structure (see Section 3.2.3), and therefore they 
are hydrolyzed by hydroxyl groups and chemisorbed on the oxide surface. 

If adsorption takes place at pH 6 , no Mossbauer signal is observed. After drying, 
a strong quadrupolar doublet is observed along with a weak magnetic component 
(Figure 9.3b). In this acidity range, iron forms a ferric gel physisorbed on the 
substrate, with no strong chemical bond. The lack of a signal is due to the very 
weak absorption of 7 -rays by the gel weakly bonded to the surface of the particles. 
Dehydration at room temperature decreases the mobility of the physisorbed gel, 
generating a Mossbatier spectrum similar to that of amorphous ferric gels. At pH 4, 
adsorption involves both mechanisms. 

Adsorption of hydrolyzable ions takes places through various mechanisms in 
which hydrolysis by surface nucleophilic groups and hydrolysis by the solution 
itself (OH", water molecules) compete. Therefore, as long as the hydrolysis and 
precipitation pH is not reached, the surface is likely to behave as a ligand, leading 
to chemisoiption through a true substitution reaction: 



H 

-M-O-’-H-O, 
i ,M'L4 

-M-O-H-0 
Th H 



M'L4 -r 2H^ 



This reaction is analogous to olation and oxolation reactions between hydrolyzed 
species. It involves, at pH ^ PZC, 0 x 0 or hydroxo ligands from the surface acting 
as nucleophiles within the coordination sphere of the adsorbed ion. This reaction is 
also responsible for the adsorption of mixed aquo-amino complexes of nickel. 
Washing silica suspensions which have adsorbed hexamino nickel(ll) complexes 
leads to the formation of tetra-amino complexes. The shift in the UV-visible 
absorption towards lower frequencies makes it possible to follow the level of 
replacement of NH3 by H 2 O, and then of water by SiO" [4,10]: 




The presence of removable aquo ligands in the coordination sphere of the nickel 
causes an increase in the adsorbed amounts. The same phenomenon takes place 
with [Cu(OH 2 )m(NH 3 ),„]^'^ complexes formed at pH < 9 [10,20]. 



(b) Electrophoretic Mobility 

The various regimes of interaction between ions in solution and the surface, as a 
function of pH (chemisorption of the cations, physisorption of the oxide or the 
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Figure 9.4 ElecirophoreUc'inobility (a) for various Si02 amounts and (b) for Ti02 in the 
presence of Co(N03)2. Reproduced by permission of Academic Press from [ 22 ] 



hydroxide) are measurable on the electrophoretic mobility of the suspensions. The 
mobility mg of the particles is defined as ni£ = where is the velocity of 
the particles under an electric field E [21]. Depending on the sign of the particles, 
the particles move in the direction of the field or in the opposite direction. At 
pH— PZC, the mobility is zero. 

Adsorption of a hydrolyzable cation in large enough concentration completely to 
cover the available surface area of the suspension can modify the electrophoretic 
behavior of the particles. Three charge reversals (CR) are observed as the pH 
increases (Figure 9.4). 

Reaching the PZC (or the lEP, isoelectric point), causes CR[ (±). It is close to 
pH 2 for Si 02 and 5.5 for Ti 02 (Figure 9.4). Adsorption of positively charged 
entities (aquo ions, hydroxylated complexes) progressively compensates for the 
negative charge on the surface, leading to CR 2 (±) around pH 8 (Figure 9.4). As the 
pH increases, the positive charge on the adsorbed species decreases, and CR 3 
indicates the PZC of the adsorbed layer (pH 11). The position of CR 2 and CR 3 
depends on the number of ions that have been adsorbed. When coverage of the 
surface is complete, CR 3 is identical to the PZC of the hydroxide or oxide formed 
by the adsorbed cation alone. CR 2 , which is inferior to the precipitation pH of the 
cation alone in solution, marks, in fact, the pH of the onset of precipitation on the 
almost completely covered surface [22,16]. 

This variation in electrophoretic mobility reflects the progressive change in nature 
of the surface during adsorption, assuming a homogeneous distribution of the ions 
on the surface. It turns out that this behavior is not generalized because the 
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Figure 9.5 Elecirophoreiic mobility (EM) of goelhiie particles (20m^/l) adsorbed at 
various concentrations (solid markers): (a) Mg(ll), (b) Mn(II); boehmite (20m^/l) having 
adsorbed (c) Mg(II) and (d) Mn(Il). Open markers indicate the electrophoretic mobility of 
■' both solids measured in the presence of NaCl 04 . Reproduced by permission of Academic 

j Press from [23] 

: adsorption mechanism depends on the nature of the surface as well as on that of the 

adsorbed ions. 

For example, adsorption of Mg(ll) on goethite, a-FeOOH, begins below the PZC, 

: and a 10-25% coverage is sufficient to bypass the CR^ of goethite (Figure 9.5a) 

i [23]. However, adsorption of Mg(ll) on boehmite, 7-AIOOH, is complete at the 

: PZC and modifies only slightly the position of the CRj[ (Figure 9.5b). Adsorption of 

Mn(ll) on both oxyhydroxides also does not affect the position of their PZC (CRi) 
i (Figure. 9. 5c, d). 

!; EPR studies of liaanganese adsorbed on .boehmite show that Mn(II) ions form 

an antiferromagnetic material analogous to Mn(OH)2; [23]. Since the amount of 
I adsorbed Mn(ll) would be sufficient to form several compact layers of the 

hydroxide, the lack of influence on the electrophoretic mobility seems to indicate 
that manganese hydroxide is adsorbed as clusters that do not cover the boehmite 
surface very uniformly. The suiface remains largely exposed to the solution and is 
able to maintain its physicochemical characteristics. This must also be the case. 
^ during adsorption of manganese on goethite because no effect is observed on the 

CRi of goethite. Manganese might form very small clusters Mg(OH)2 which would 
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exhibit a strongly widened EPR signal owing to the local magnetic field produced 
by ferric ions near the surface [23]. 

However, adsorption of Mg(Il) on goethite takes place homogeneously on isolated 
sites of the surface, thereby preventing reversal of the surface charge. 

This difference in behavior can probably be explained by the difference in the 
energy of adsorption for the ions and that of the nucleation of the hydroxide on the 
surface of the adsorbant. If the adsorption energy is larger than the nucleation 
energy, homogeneous coverage of the surface is favored. If the opposite is true, 
heterogeneous nucleation of the hydroxide can take place. In other words, the 
nucleophilic strength of 0x0 or hydroxo ligands of the boehmite surface is not as 
high as that of the surface groups on goethite. The surface groups on boehmite 
(PZC?^ 10) are less acidic, and therefore less nucleophilic or complexing, than on 
goethite (PZC 8-9). This is in agreement with the results of the MUSIC model 
(see Section 7. 1. 1). Mg(II) ions cannot nucleate the hydroxide on goethite and ai'e 
adsorbed as inner sphere complexes. Mn(II) ions are more , readily hydrolyzable 
than 'Mg(II) ions and condense preferentially in solution, before adsorbing as 
Mn(OH)2 clusters on both surfaces. 

The magnetic behavior of Mn(II) and Cu(II) adsorbed at pH > 6 on Ti02 shows 
that they also fonn hydroxide or hydrated oxide clusters on the surface of Ti02 [7]. 

(c) Adsorption Isotherms 

Another useful technique for the study of various adsorption regimes is the use of 
isotherms linking the adsorption density T (the amount of cations adsorbed per unit 
surface area) to the cation concentration C in solution at equilibrium. 

Isotherm models initially used for adsorption of gas molecules 011 to solids can 
now be applied to adsorption in solution. Two such models are most widely used [13]: 

• The Langmuir isotherm; 



r =: F 

^ ^ max 



iTkC 



where k the adsorption equilibrium constant and Fmax is the maximum adsorption 
density. The fundamental hypotheses of the model are that all .adsorption sites are 
equivalent, and that the adsorption energy is not a function of the extent of surface 
coverage. This means that there is no interaction between adjacent species adsorbed 
on the surface. F is proportional to C at low concentrations and reaches a maximum 
Fniax high concentration. 

♦ The Freundlich isotherm: 

with /I >1 

This purely empirical model assumes that adsorption energy decreases logarith- 
mically with adsorption density, and hence there is no linear relationship between F 
and C. Adsorption density is, in principle, not limited. 
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Usually, Langmuir isotherms describe experimental data reasonably well for small 
adsoj-ption densities and pH lower than the precipitation pH of the cation alone in 
solution, when the cations are adsorbed in monolayers. Plots of log r = f(log[M^'^]'^ ) 
are linear with a slope of 1. This is the case for adsorption at pH ^ 6.4 of Cd(ll), 
Zn(ll) or Cu(ll) on amorphous iron oxyhydroxide at a concentration smaller or equal 
to 10"* moll"' [18], It is also true at pH < 7 for Co(ll) and Ni(ll) on Si02 [24], for 
Co(ll) on Fe304, AI2O3 and M11O2 [25] and for Ag"^ on Ti02 anatase [26]. However, 
at high cation concentration, or for a pH higher than the precipitation pH, adsorption 
data are better described by the Freundlich isotherm. The logP = f(log[M^+] ) 
plots are linear and their slopes are smaller than 1 (adsoiption on amorphous iron 
oxyhydroxide of Cd, Zn and Cu at C> 10"^ mol L* [18] and Ag at pH 8 [27]). In 
this case, adsorption is not limited to a monolayer, which was a restriction imposed 
by the Langmuir isotherms. 

These behavior differences are often explained by the heterogeneity of adsorption 
sites [18,13], and composite isotherms can be used to fit experimental data [28]. 



(d) Models 

Many models try to provide a quantitative analysis of adsorption phenomena 
on oxide surfaces. Most of these models are based on the formation of surface 
complexes [1,13,29]. They consider the competition between the variation in free 
enthalpy due to chemical and electrostatic interactions and the variation in solvation 
energy of the adsorbed cations [30]. Some models also consider equilibrium 
constants derived from the mass-action law (the triple-layer model) [31,32]. 
Combining surface complexation and precipitation of cations in solution is a way of 
treating the problem continuously over a very wide range of concentrations [33]. 

The models fit experimental data quite well without identifying or describing the 
surface complexes chemically. In fact, these models often look more like ‘tuning’ 
exercises than real tools improving our understanding of interfacial phenomena. For 
example, identical data are sometimes remarkably fitted using very different 
‘chemical’ parameters [29]. Therefore, the physical significance of these models is 
highly questionable. 

Surface heterogeneities are often invoked to explain a change in regime of the 
adsorption mechanism. However, taking such heterogeneities into account does 
not significantly change the results of adsorption simulation [34]. Since various 
mechanisms and various ‘types’ of adsorption (homogeneous layers formed via 
chemisorption, physisorbed surface clusters — see sections a and b) can occur, it is 
not surprising that a single model cannot describe all the phenomena observed over 
a wide range of concentrations. It seems logical to assume that adsorption of cations 
by the formation of inner sphere complexes cannot be treated like the precipitation 
or physisorption of a hydroxide. The required change in approach is indeed related 
to the fact that the chemistry of the system is dominated by surface properties in the 
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case of complexation, and by the chemistry of the cation in solution in the case of 
precipitation. 

9.1.3 CATION ADSORPTION AND INTERFACE TRANSFERS 

Cation chemisorption on many oxides comprises various mechanisms that involve 
the adsorbing surface without involving the core of the particles. The interface is 
polarizable, and there is no exchange of matter between the inside of the solid and 
the solution. 

The high room-temperature electronic mobility of mixed-valence oxides such as 
Fc 304 , Mu 304, Mn02 and V2O5-XH2O makes these materials particularly interesting 
in suspension. Acid— base surface reactions and cation adsoiption may cause a 
redox response inside the colloid as well as ionic or electronic transfers through the 
solution— solid interface. A few examples related to iron oxide spinels are discussed 
in this section. 

Rapid electronic exchange takes place in Fe304 magnetite at room temperature 
(see Section 3.5). Mossbauer spectroscopy gives an average valence of 2.5 for 
the cations in the octahedral siiblattice, which justifies the use of the formula 
[Fe ^]xtj(Fe2 Oxidation of magnetite into maghemite 7~Fe203 preserves 

the inverse spinel structure, but the octahedral sublattice now contains vacancies* 
[Fe^-^] 

Td [Fri/3V./3l 0^04, where Lare the cation vacancies. Colloidal magnetite can 
be converted easily into maghemite in various ways. The conversion is apparently 
reversible. These properties are due in large part to the electronic mobility. 

(i) Colloidal magnetite oxidizes readily in air, or in a neutral or alkaline suspen- 
sion, by chemisorption of oxygen: 

(Fe3+][FeP+]04 +O. 25 O 2 » 1 . 125(Fe3+](Fe3+V,/3|04 

Mobile electrons are trapped by adsorbed oxygen. The excess positive charge in the 
lattice forces migration of excess ferric ions towards the surface in order to 
coordinate the O ions formed on the surface. They form new cation sites that 
extend the crystalline lattice (cf. Figure 9.7). These new sites participate in electron 
transfers and allow the reaction to proceed until complete oxidation of the oxide. 
Overall, the migration of Fe^''' and electrons towards the surface is compensated for 
by, the migration of cation vacancies towards the inside of the particle. Because 
of the small size of the particles, approximately 8 nm in diameter, and their large 
specific surface area, the reaction kinetics are fast. 

(ii) In a suspension acidified with HCIO4 to about pH 2. and in the absence of 
oxidizing agents, the same transformation takes place by elimination of ferrous ions 
from the lattice of the particle [35]. The titration curves of suspensions containing 
various acid concentrations exhibit two equivalent points (Figure 9.6). 

The first equivalent point around pH 4 corresponds to an excess of free acidity. 
The second point corresponds to the end of precipitation of ferrous ions as Fe(OH)2. 
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Figure 9.6 Tiiraiion of Fe304 + HCIO4 by N(CH3)40H. The ratios [H'^]added/Fe(n)iniiiai 
are itidicated on ilie curves, 'fiirations are carried out 5 min after acidification. Dashed fine: 
titration 45 min after acidification. Reproduced by permission of Academic Press from [35] 



The total reaction balance involves consumption of two protons for one Fe(ll) 
released into the solution. 

The protonation of surface hydroxyl groups causes localization of mobile 
electrons from the lattice, and the formation of ferrous ions will compensate locally 
for the charge of protonated sites on the surface. This, in turn, causes a lengthening 
of the 0“Fe(ll) bonds compared with O-Fe(lll) bonds, and, under such conditions, 
unstable surface Fe(ll) ions go into solution as solvated species: 




+ [Fe(OH2)fi]^q 

The mobile electrons from the lattice renew the surface ferrous sites, which are now 
eliminated from the lattice, but, under these conditions of acidity,' no ferric ion 
appears in the solution. Migration of Fe(ll) (more probably as Fe(lll)+^) towards 
tlie surface and the formation of vacancies enable the excess positive charge to be 
resorbed in the solid. Hence, there is an interface transfer of electrons and ions 
towards the solution, combined with migration of vacancies towards the core of the 
particles. The net reaction is 



[Fe^+][Fe^-=+]04 +2H + 



0.75[Fe^+l[Fe^/'3V,/3]O4 + Fe^' + HjO 
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Ferrous ions are desorbed with an equivalent amount of oxygen, according to 

[Fe(H)>0'-Ua +2H+ — ^ Fe(ll) + HjO 

This transformation is characteristic of the small size of the particles and observed 
to a much lower extent in micrometer-size particles. It occurs in two consecutive 
steps. The first step, elimination of surface ferrous ions (i.e. formation of cation 
vacancies near the surface), is almost immediate. The second step is slower and 
must be limited by the diffusion coefficient of ferric ions in the lattice. Although 
diffusion takes place between nearest neighbors by a cooperative process, it is a 
relatively slow phenomenon. In small particles of high surface/volume ratio, the net 
diffusion involves the addition of rather short distances. The conversion of magnetite 
into maghemite is therefore compatible with reasonable observation time-frames (a 
few days at room temperature), without a measurable reduction in particle size. 

The same transformation is observed if the acidification around pH 2 is made by 
the addition of a solution of ferric ions. However, the phenomena are more complex 
and the characterization of the solution [by titration of excess Fe(III) as Fe(OH )3 
and titration of the released ferrous ions as Fe(OH) 2 ] shows that in this case some 
ferric ions are fixed by the particles, and that ferrous ions are released into the 
solution in the stoichiometry [Fe(ll)yoiuiion]/[Fe(lll),,;,^.j] = 1.5 [35]. The main effect 
of the Fe(lll) addition is the significant structural disorder on the surface, unlike in 
the case of the acidification of suspensions with HCIO4 (Figure 9.7). The stoichio- 
metry of the reaction is 

, (Fe^+llFef +)04 +2/3Fe^+ > [Fe3+l(Fe^+ + Fe^+ 

The structural disorder on the surface implies that adsorbed ferric ions are not 
reduced, or at least not completely, by electrons migrating from the inside of the 
particles and subsequently released into the solution. In fact, fast protonation of the 
surface owing to the presence of ferric ions leads, as with HCIO4, to desorption of 
Fe(ll). Ferric forms are simultaneously hydrolyzed by the surface and chemisorbed 
in a more or less crystalline order, bringing enough protons (from water molecules 
and hydroxyl groups) for the desorption of ferrous ions to proceed further. 

If ferric ions are precipitated at pH 8 in the presence of colloidal magnetite, a 
ferric gel forms immediately. Gel particles are physisorbed on the magnetite and are 
identified in Mossbauer spectroscopy by a quadrupolar doublet superimposed on 
two sextuplets of magnetite due to Fe^+ and Fe^-^+ respectively [36]. During ageing 
of the suspension, the intensity of the doublet decreases and the relative intensity of 
the Fe^'^ sextuplet increases compared with the Fe^-^“*' sextuplet (Figure 9.8), which 
indicates formation of non-stoichiometric magnetite. 

Investigations of the stnjcture and amount of ferric gel show that the adsorbed gel 
slowly forms a spinel layer by epitaxy on the lattice. Electron transfer through the 
surface of the magnetite particles forms ferrous ions locally, which induce 
crystallization of the gel, in a process similar to the co-precipitation of ferric and 
ferrous ions (see Section 3.5). 
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Figure 9.7 (a) Variation in the width L of XRD peaks and (b) Mdssbauer spectra (300 K) of 

freshly prepared colloidal magnetite (average particle diameter 8 nm): a, M; treated with 
HCIO4: □, H; treated with Fe(N03)3; ■> Fe; and oxidized in air: o, (diffraction data for 
particles oxidized in air and treated in an acidic medium are indistinguishable. Reproduced 
by permission of Academic Press from [35] 



(iii) Adsorption, around pH 6, of easily reduced ions such as Ag'^, Pd^'^, 

Cu^'^ on colloidal magnetite causes reduction of the cations and formation of 
metallic particles (Ag, Pt, Pd) or the formation of hydroxide Cu(OH). Conversion of 
magnetite into maghemite occurs in this case without iron desorption from the 
particles [37,38]. Around pH 6, the cation adsorbed on surface hydroxylated sites 
forces (as does the proton) the localization of a mobile electron from the lattice, but 
it also traps the electron. The cation can now be reduced without Fe(III) desorption. 
The excess positive charge in the lattice is still compensated by the migration 
of ferric ions towards the surface. These ions increase their coordination by 
hydroxylation: 

Fe^'^+-0-Fe^-^'"-OH, Ag'" OH“ Fe^'"-0-Fe> + Ag° 

4 OH 

^ . , 
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Figure 9.8 Evolution of Mdssbauer spectra (300 K) for magnetite particles in the presence 
of fer-ric gel (‘Fe(0H)37Fe304 = 2.25) during ageing of the suspension. Reproduced by 
permission of Academic Press from [36] 

The net reaction involves consumption of a hydroxyl ion by an electron removed 
from the solid: 

(Fe'+|(Fe|5+]04 + Ag + +OH" > 1.125(Fe3+][Fe3;3V,/3)O,+Ag“+0.5H2O 

This transformation only involves a transfer of electrons near the interface 
compensated by adsorption of OH". 

(iv) When magnetite has been converted into 7 -Fc 203 in acidic medium, via Fe^'^ 
desorption, the latter may be readsorbed through an increase in the pH (pH > 6), 
but the ‘reduction’ process is not, strictly speaking, the reverse of the proton 
‘oxidation’ described in (ii) [39]. In the presence of the colloids, ferrous ions 
precipitate at a much lower pH than if they are alone in solution (Figure 9.9, a 
curves). The amount of adsorbable Fe(II) corresponds to a Fe(II)/Fe(III)i,^itiai 
of 1/2. Beyond 1/2, Fe(II) precipitates as if it were alone in solution (curves b, 
Figure 9.9). Although the stoichiometry of the adsorption is 2 mol HO~ per mol 
Fe^'^', the iron adsorbed does not exist as Fe(OH) 2 . A layer of magnetite forms by 
epitaxy on the 7 -Fe 203 particles. Crystallization of the adsorbed layer stems from 
the coexistence of ferric and ferrous ions, the latter being formed by electron 
transfer from the adsorbed layer towards the inside of the particle. The reaction 
stops when half the octahedral sites within the initial colloid are equally populated 
by ferric and ferrous ions. This corresponds to the net stoichiometry Fe(II) adsorbed/ 
Fe(III)iotai= 1/2. The kinetics of the reaction is fast, and suggests that charge 
compensation in the solid takes place by proton incorporation rather than by iron 
diffusion. 
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Figure 9.9 Titration of 7-Fc203 by N(CH3)40H in the presence of ferrous ions. The ratio 
[Fe^'*'];,ddcd/[F^^^ liniiiai shown on the curves. The dashed curve shows the titration of Fe^'*” 
alone. Reproduced from [39], by permission 

Adsorption of Fe(II) occurs within a pH range inferior by two points to the range 
of precipitation of Fe(OH)2 (Figure 9.9). This shows the role of the oxide surface as 
a hydrolyzing and condensation agent. The increase in pH necessary for iron 
adsorption also leads predominantly to the creation of nucleophilic sites on the 
surface. These sites {-0h\,-0^~) penetrate the coordination sphere of Fe(OFl2)6^ 
ions by substitution. The pH increase does not'lead to adsorption via hydrolysis and 
decreases its charge. Adsorption of Co(ll) on to 7*Fe203 is very limited and the 
surface hydrolysis of Fe2Co04 is greatly reduced at pH 2 [35]. The spectacular 
difference in behavior of the colloid with Fe(Il) or Co(II) is due to the lack of electron 
transfer between Co(ll) and Fe(lll). Therefore, it is clear that electron delocalization 
plays a fundamental role in surface phenomena. The behavior of colloids of iron 
oxide spinel is similar to that of microbatteries discharging and recharging themselves 
by acid-base reaction on the surface. Various recharging processes by ‘reduction’ of 
the colloids are possible, either through the formation of a stoichiometric material 
(chemical reduction of 7-Fe20;i by organic compounds such as dimethylforrnamide) 
or by preservation of metal vacancies (electrochemical reduction in an alkaline 
medium) [40]. All these reactions, including oxidation of magnetite in air, stem from 
the same electronic process; transfer through the inteiface towards (or from) an 
adsorbed layer, relayed by a transfer though the pai'ticle (Figure 9.10). The intrinsic 
mechanism is the same, even if the phenomena that induce the transfer through the 
interface, and even if external conditions governing the behavior of surface Fe(II), 
are very different. Ion and/or electron exchange reactions between the colloid and its 
surroundings underline the importance of the spinel staicture in the use of iron oxide 
in applications such as heterogeneous catalysis. ■ 
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Figure 9.10 Fe304 — > 7“Fc203 transformations induced by adsorption of various species. 
Dashed circles represent the intial size of the colloid in each transformation. In each case, 
adsorption is assisted by outward electron transfers within the particle, which renew the 
reactive chemical species on the surface (Fe^'*' ions). The surface may be oxidized in situ 
(steps 1 to 3) or desorbed (steps 4 and 5) depending on the physicochemical characteristics of 
the medium. In all steps, electron transfers are associated with migration of Fe^'*' from the 
octahedral sublattice towards the surface of the panicle, causing formation of cation vacan- 
cies. Step 5 is apparently reversible. Adsorption of Fe^'^' and HO^ (step 6) is also assisted by 
electronic and ionic (H"*") inward transfers, but without appreciable Fe migration. This results 
in the epitaxial growth of an Fe^O^ layer 



9.2 ANION ADSORPTION 

Whereas the surface of oxides may act as a ligand for cations in solution, the specific 
adsorption of anions or weak acids occurs by substitution of aquo or oxo ligands on 
the oxide surface. 

Infrared absorption spectra show that the oxalate, benzoate and phosphate replace 
mono-coordinated groups on the surface of goethite, ferric gels or gibbsite. Such 
ligands have a bridging coordination mode for small adsorption levels and at around 
pH 3-4 [41-43] (Figure 9.11). 

Only the monocoordinated hydroxo groups of these surfaces are replaced. The 
characteristic infrared absorption baud of Fei-OH at 3840 cm“* (2584 cm”* for 
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(a) (b) (c) 

Figure 9.11 Coordination (a) of oxalate, (b) of benzoate and (c) of phosphate on the 
surface of oxides or hydroxides 



Fej-OD) decreases with increasing adsorption. The presence of oxalate on the 
surface causes only minor alteration of the 3660 cm“* band characteristic of doubly 
and triply coordinated OH groups (2702 cm”* for deuterated groups). Phosphate 
replaces all monocoordinated groups on the surface because it is a stronger 
complexant of Fe than oxalate. The exclusive replacement of monocoordinated OH 
groups by the oxalate is clearly observed in gibbsite. The adsorption corresponds 
exactly to the number of such groups present only on the sides of the particles 
shaped as hexagonal platelets (see Figure 7.3) [42]. The absence of replacement 
of AI 2 -OH groups by the oxalate is also confirmed by the weak adsorption on 
imogolite, an aluminosilicate of tubular morphology that has only doubly coor- 
dinated OH groups on its surface [44]. 

The reactivity of surface hydroxy lated groups towards anion substitution 
decreases as the acid character of these groups increases. Doubly and triply coor- 
dinated groups are more acidic and carry negative charges which do not favor 
electrostatic attraction with anions. In addition, these groups form bonds with 
surface cations that are more covalent in nature than the bonds formed with mono- 
coordinated groups. Their replacement is therefore more diffcult. 

The symmetry and the charge of the anion play an important role in its adsorption 
and its mode of coordination. This has been clearly demonstrated in infrared 
spectrocopy investigations of various anions on a ferric gel [45]. In air-dried 
suspensions, nitrate ions preserve the D 3/1 symmetry of the free nitrate. Vacuum 
dehydration forces an interaction with the surface, and nitrate ions adopt a C 2 U 
symmetry characteristic of monocoordinated nitrates. The carbonate ion (D 3 ;, 
symmetry when free) is monocoordinated {C 2 V symmetry) to surface groups even 
in the air-dried, hydrated gel. The carbonate ion is more strongly adsorbed than 
the nitrate: the higher charge on the carbonate reinforces the interactions with the 
surface. Similar phenomena are observed with ions of tetrahedral symmetry in the 
free configuration. The interaction between the perchlorate ion and the surface of 
the dried gel is purely electrostatic in nature. After vacuum drying, the ion is 
coordinated to the surface in a monodentate mode. Sulfate and selenate ions, on the 
other hand, are already doubly coodinated (C 2 u) on the surface of the hydrated gel. 



Interface Reactions and Adsorptio/i 



303 



i 



CH 3 




H /OH 
Ov / ^ 

O 0^0 





(0 ■ (d) 

Figure 9.12 Coordination of (a) lactate, (b) 1-tartrate, (c) mesotarlrate and (d) citrate on 
oxide or hydroxide surfaces 



Because of their small size, these anions can chelate cations on the surface of the 
oxide. Polycarboxylate anions such as oxalates or hydroxycarboxylates act as 
bridges. These ions are able to adsorb themselves by forming, in addition to a bond 
via the carboxylate groups, an alcohol group which may deprotonate and coordinate 
the surface. This effect depends on the structure of the ligand and on the nature 
and geometry of the groups to be replaced on the surface. This has been observed 
with' mesotarlrate on goethite, and with lactate and 1 -tartrate on ferric gels [46] 
(Figure 9.12). 

This effect seems to be specific to surface coordination because it is not observed 
with mononuclear complexes in solution [47]. The molecular structure of the citrate 
group, coordinated by its three carboxylate functions, does not allow the alcohol 
group to participate. 

Specific adsorption of anions is a surface complexation reaction and, as a rule, 
anions do absorb more efficiently if their complexing nature is high in solution 
[1,48-51]. The complexing nature depends to a laige extent on the stnicture and 
geometry of the anion, which define its mode of coordination. The chelating or 
bridging effect, which reinforces the complexing nature of the anion in solution, 
also stimulates its adsoiption. Some chelating anions such as EDTA and amino- 
carboxylates may form soluble complexes more stable than the oxide, and may 
prevent cation precipitation in some pH ranges. They also allow dissolution of small 
oxide particles [52] (see below). For example, tliese ligands are used in the clean-up 
of industrial facilities for. the dissolution of corrosion products. 
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Adsorption of anions or neutral molecules on oxides is controlled by the same 
parameters (pH, concentration, temperature) as those involved in complexation of 
cations in solution* The pH of the suspension imposes both the level of protonation 
of the anion and the surface charge of the oxide. As in the case of cation 
complexation in solution (see Chapter 5), there is an optimum pH range for anion 
adsorption. Adsorption is characterized by complexation equilibrium constants, 
determined using an approach similar to the calculation of complexation constants 
in solution from acid-base titration of suspensions [48-51]. 

Some models try to explain the variations in surface charge and potential on 
the basis of a specific model of the interface [53-55], but some do not use such 
models [56]. Various models provide good fits of experimental adsorption curves 
as a function of pH and ionic strength. These models are not described here 
because of some of the remarks expressed above: their ability to fit experimental 
data does not necessarily reflect their ability fully to describe the mechanisms 
involved in adsorption phenomena. The models’ usually do not take into account any 
structural specificity. The type of complexes formed, the position of ions and the 
characteristics of the interface are usually imposed by the parameters used to fit the 
data. 

It is interesting to examine some characteristics of anion adsoiption on oxide 
surfaces. 

i Adsorption and magnetic behavior 

The behavior of small magnetic particles is usually different from the behavior of 
the bulk. This behavior is a function of particle size and may be influenced by 
surface effects or interactions between particles. 

If the dimensions are smaller than 20-50 nm, the particle is a single magnetic 
domain. The anisotropy energy is proportional to the volume of the particle and, for 
very small (< 10 nm) particles, may be comparable with thermal energy even below 
room temperature. Under such conditions, the magnetization is no longer pinned in 
an easy magnetization axis as in a macroscopic crystal, but may fluctuate from one 
easy magnetization axis to another. This phenomenon is called superparamagnetic 
relaxation. 

The magnetic anisotropy energy is a measure of the energy required to make the 
magnetization vector switch direction. It has many contributions. The most important 
ones, for a macroscopic crystal, are the magnetocrystalline energy and the shape 
anisotropy. The lower symmetry of surface atoms, compared with that of atoms in 
the bulk, generates another type of magnetic anisotropy. This surface anisotropy can 
be neglected in macroscopic crystals but becomes appreciable in nanoparticles 
because of the large number of atoms located near the surface. It also depends on 
the geometry of the surface and may be sensitive to the presence of adsorbed 
species. If the particles are close to one another, their magnetic moments may 
interact. This gives rise to the anisotropy of interaction. The interaction may be long 
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range (magnetic dipolar) or short range, (exchange, superdxchange from surface to 
surface). The latter are strongly influenced by phenomena at the interface. 

We have seen that the aggregation of 7-Fe203 particles in water can be controlled 
by tuning the acidity of the medium (see Section 8.1.3 and Figure 8.8). Aggregates 
of various sizes and shapes can be formed. Dipolar magnetic interactions kT), 
much weaker than electrostatic interactions 10 kT), should not contribute to 
aggregation but instead may cause magnetic coupling which affects superpara- 
magnetic relaxation, and it has been shown that the magnetic behavior of the 
particles is correlated with the configuration of the cluster [57] (Figure 9.13a). 
Small, linear aggregates {^5 particles), sufficiently distant from one another, give 
spectra (A) characteristic of supeq^aramagnetic relaxation. Branching and inter- 
twining of chains of particles causes an increase in dipolar interactions and faster 
relaxation (spectrum B). A similar effect is observed when small clusters are 
concentrated. The cancellation of the surface charge on the particles causes the 
formation of very large three-dimensional aggregates with strong surface/surface 
coupling, and the superparamagnetic relaxation is blocked (spectrum C). 




Figure 9.13 (a) SEM micrographs and Mossbauer spectra (300 K) of 7-Fc203 colloids. The 

samples are sols stabilized using a polymer, containing aggregates of various sizes and 
morphology. They were obtained through modification of the surface clnuge. (b) Mossbauer 
spectra (290 K) of7-Fe203 particles (powder) flocculated with various acids. Reproduced by 
permission of Elsevier Science Ltd from [59] 
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Adsorption of ions or molecules can affect surface anisotropy and interactions 
between particles because the surfaces are separated by counterions, adsorbed ions 
and hydration water. Coupling of surface spins decreases as the affinity of the 
adsorbed species for the surface increases. The decrease in magnetic coupling, 
which follows the sequence NO 3 < SO 4 ” < HCitr^" < HPO^^, is parallel to the 
increasing complexation of ferric ions (Figure 9.13b). The citrate and phosphate 
ions have a higher complexing nature and form paramagnetic surface complexes. 
The corresponding spectra exhibit a quadrupolar doublet superimposed with the 
magnetic component [57-59]. 

ii Adsorption and thermal stabilization 

Surface effects play a spectacular role in the thermal stabilization of the spinel 
structure. The thermal stability of the adsorbed layer is an important factor in the 
increase in the temperature of the 7 a-Fc 203 transition [60a, b] (Figure 9.14a). 

With an adsorbed layer of citrate, the transformation occurs as early as 300 °C after 
extended heating (Figure 9.14b), but it does not occur until 800 °C with the 
phosphate. 

After the adsorbed layer has decomposed, sintering occurs by the formation of 
0 x 0 bridges during dehydration of hydroxyl groups facing each other. As local 
structural constraints develop, particularly near the contact zones, local recrystalli- 
zation takes place which eventually expands to all the particles in the aggregates, 





Figure 9.14 (a) Differential thermal analysis of 7 -Fe 203 particles (10 nm). The endotherm 

shows the 7 —^ a-Fe 203 transition, (b) Mbssbauer spectra of 7 -Fe 203 particles heated at 
330 °C for various times, after decompostion of the adsorbed citrate. The sextuplet of 
hematite appears at 330 after 8 days of heat treatment. Reproduced with kind permission 
from Kluwer Academic Publishers from [60a] 
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Figure 9.15 Hematite particles formed via thermal conversion of small 7 -Fe 203 
panicles [61] 



forming large monocrystalline domains [60b] (Figure 9.15). The phosphate acts as 
an anti-sintering agent. 

Some condensed phosphates such as the tripolyphosphate [P 30 io]^^ or the 
hexametaphosphate [P 03 ]^“ are less complexing than the monophosphate but 
bulkier and also prevent sintering of goethite particles during the preparation of 
7 -Fc 203 by the formation of Fc 304 in the dehydration-reduction-reoxydation 
process [62]. Condensed phosphates, when adsorbed on goethite, allow the initial 
acicular particles to maintain their geometry during heat treatment, thereby 
allowing an increase in the coercive forces in the resulting particles. 

iii Adsorption and dissolution 

Much work has been published on the dissolution of iron oxides in connection with 
the iron cycle in geochemistry, decontamination processes or the clean-up of 
industrial facilities. We have already seen that strong chelating agents such as 
EDTA or amino acids can adsorb on the surface of oxides and promote their dissolu- 
tion because they can form anion complexes that are more stable than the oxide 
[52,63,64]. Citrates and oxalates, among others, act in a similar way [65]. 

Dissolution of oxides is markedly accelerated if oxidation-reduction processes 
occur in conjunction with anion adsorption [ 66 ]. The adsorption of ascorbate on 
hematite is a good example [67] (Figure 9.16). The reduction of ferric ions is shown 
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Figure 9.16 Dissolution of hematite in the presence of ascorbate at pH 3. In the absence of 
ascorbate, Fe(III) concentration. Reprinted with permission from [67]. Copyright American 
Chemical Society 



by titration of the ferrous ions in solution. Three steps are involved in the dis- 
solution process: 

• adsorption of the ascorbate by formation of a surface ferric complex, 

• electron transfer through the surface complex and formation of a feiTOUS ion, 

• desorption of the ferrous complex, which is unstable within the acidity range 
required by the ascorbate adsorption (2 pH ^ 4). The solubility of the reduced 
and cornplexed surface ions is higher because Fe(ll)-0 bonds are more labile 
than Fe(IIl)-0 bonds. In fact, the process is similar to the oxidation of magnetite 
by elimination of ferrous ions in the same acidity range (see Section 9.1.3). 



A similar mechanism can occur with sulfur and reducing compounds such as 
thioglycolate [68]. 

The reduction of surface ferric ions may also occur through other mechanisms. 
Adsorption of ferrous complexes (oxalate, malonate) causes an electron transfer 
through the ferrous- ferric surface complex [67]: 
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The reducing strength of comptexes of ferrous ions is higher than that of aquo 
complexes [Fe(OH2)6]^ * » but the electron transfer through the surface complex is 
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possible (or favored) if the ligand can form a conjugated system after adsorption. 
This is the case for citrates, oxalates, malonates, etc. This occurs in the dissolution 
of goethite [67] and in the dissolution of magnetite by ferrous oxalate [69] or by the 
EDTA-Fe(II) complex [70] and by ferrous sulfate [71]. The tris(picolinato) V(ll) 
complex promotes the dissolution of NiFe204 through the same mechanism [72]. 

The reduction process may be initiated by UV imadiation of photosensitive 
anions such as EDTA [73], citrates [74] or mercaptocarboxylates [75,76]. The 
reduction mechanism takes place by injection of electrons into the solid, through 
excitation of the charge transfer bands in the ferric surface complex. Free radicals 
generated by radiolysis (7-ray irradiation) of the suspensions also causes reduction 
of the surface ions. Hematite, goethite and magnetite dissolution can therefore be 
obtained using viologen radicals [77] or (CH3)2C*OH [78], but the reduction is 
limited by the recombination of the radicals. 

A reverse mechanism may occur upon irradiation (photolysis or radiolysis) of a 
semiconducting oxide (hematite, magnetite, Ti02, ZnO, WO3, etc.) [79]. Electron- 
hole pairs are created in the colloid and sent into the conduction band. Fast 
recombination can be prevented by adsorbed species such as anions or neutral 
molecules acting as traps for electrons or holes. Polyvinyl alcohol strongly adsorbed 
on Ti02 traps the holes, and the lifetime of the electron in the colloid ranges from 
minutes to hours. They can react with species in solution and, for example, reduce 
tetranitromethane [80]: 

C{NO^)^ + > C(N02)3~ + NO 2 

The citrate ion and the thiocyanate ion SCN“ (which oxidizes into (SCN)2") also act 
as hole traps. The efficiency of the trap depends on the ability of the ion to adsorb 
and oxidize. 

Species prone to reduction may adsorb on the colloid and prevent electron— hole 
recombination by trapping the electrons. Methyl viologen is strongly 

adsorbed on Ti02 at pH > 6. Immediately after hash irradiation, it is reduced to 
MV^ with a characteristic optical absorption at 392 nm. Holes can oxidize HO” 
ions into H2O2 and O2, and the carbonate ion into the 003" radical, and can also 
oxidize various organic compounds [80J. Similar reactions have been observed in 
other colloidal oxides. Since photoelectrochemistry is outside the scope of this 
book, it might be best to refer the reader to Henglein’s excellent papers [79,80] on 
the subject. . 



9.3 POLYMER ADSORPTION 

Adsorption of macromolecules on the surface of oxides is perhaps the most ancient 
technique used for the stabilization of small particles. In Ancient Egypt, for the 
production of ink, carbon particles were stabilized in water using arabic gum. 
Adsoiption of polymers on many types of particle is of considerable industrial 
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interest today, and is the object of much research. For example, it is at times 
desirable to prevent aggregation and adhesion of particles during rehydration of 
stored dried particles. On the contrary, it might be necessary to use polymers as 
binders in the production of glues or coatings. 

The physics and chemistry of these systems is complex, essentially because of 
the many possible adsorption mechanisms involved. It is also difficult to determine 
the internal structure of the adsorbed layers or what interactions might develop 
between them. There are a few excellent review papers on these topics [81-84]. We 
shall only briefiy describe here the main interaction mechanism between the surface 
of oxides and various macromolecules. 

9.3.1 NON-IONIC MACROMOLECULES 

Polymers such as polyethylene oxide, polyacrylamide and polyvinyl alcohol are 
linear, fiexible molecules with no charge, which adsorb non-specifically on the 
surface of oxides. Interaction with the surface takes place though hydrogen bonds 
between polar functional groups of the polymer chain and the hydroxylated and 
protonated groups on the surface [85]. In polyacrylamide for example, adsorption is 
due to interactions between the oxygen of the carbonyl group and the protons of the 
surface group, rather than from the interaction between the proton of the nitrogen 
and the negatively charged sites: • 

MOH/MOH+ • - - 0 = C-(NHJ MO“ • • • H 2 N-C = 0 
-(CH-CLh)- -(CH-CH 2 )- 

Indeed, although the polymer is not charged, adsorption density decreases with 
increasing pH, irrespective of the nature of the oxide. Surface sites are much 
better proton donors than the amide group, and hence the surface charge plays an 
important role in the adsorption mechanism. Since this mechanism involves 
hydrogen bonds, it must compete with surface solvation processes. The affinity of 
the polymer for the surface will be weaker when the surface sites are more prone to 
solvation. Adsoiption density on the polymer decreases in the sequence Fe 203 , 
Cr 203 , AI 2 O 3 , Ti 02 (anatase), Sn 02 , Si 02 , which is also the increasing sequence of 
solvation energy [85]. The particle-polymer interactions compete with the particle- 
water interactions. The term adsorption, is used if the surface prefers the polymer to 
the solvent, and depletion is used if the opposite is true. 

Although the interaction energy between surface and each chain segment is very 
small (smaller than kT), chains adsorb very well because of the large number of 
contact points: the affinity of the macroinolecule for the surface usually increases 
with its molecular weight [ 86 ]. Nonetheless, the interaction of the polymer with the 
surface remains rather weak because it may be desorbed easily by adsorption of low 
molecular weight molecules (acetone, butanol). For these smaller molecules the 
entropy loss due to conformation changes is smaller [ 86 ]. 
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Figure 9.17 Conformation of a non-ionic polymer (a) in solution; (b) adsorbed on an oxide 
surface and (c) adsorbed and acting as a bridge between particles 

The configuration of adsorbed chains is difficult to determine [87,88]. Upon 
saturation, adsorption does not dramatically alter the radius of gyration of the 
macromolecule, which is neither inflated nor collapsed owing to adsoiption [89,90]. 
The conformation of the adsorbed polymer remains similar to that of a free macro- 
molecule in a good solvent, and exhibits tails and loops between contact points 
(Figure 9.17). The adsorbed layer provides excellent steric protection against 
aggregation [81,83,91]. 

When the surface is not polymer-saturated, adsorbed chains have a ‘flatter’ 
appearance. The thickness of the polyethylene oxide layer adsorbed on silica 
particles is about 6 times smaller at half-saturation than at saturation [89]. Under 
such conditions, a few chains can bridge several particles and cause flocculation of 
the colloid [81]. 



9.3.2 CHARGED POLYMERS 

Polyelectioly tes and ionic surfactants adsorb more strongly than neutral macro- 
molecules on charged surfaces, because the adsorption energy contains an electro- 
static contribution from sites of opposite charge on the polymer and on the oxide 
[84,92]. The nature of the adsorbed layer can lead to large variations in the behavior 
of the particles. 

The polyelectrolyte, such as polyvinyl chloride, polyvinylpyridine or polyethy- 
ieneimine, is a flexible chain bearing many charged sites (Figure 9.18a). The 
polymer is ‘flattened’ against the surface of the particles, and no tails and loops are 
cieated because of the repulsion between sites of similar charge on the chain 
[84,88] (Figure 9'. 18b). In a sense, the- polyelectrolyte acts as a counterion and 
causes flocculation of the colloid [91]. If the chains are long, they may also act as a 
bridge between several particles. 

Surfactant molecules such as sodium dodecylsulfate SDS“Na'^ or dodecyl- 
trimethylammonium bromide DTAB'*’Br“ have a structure consisting of a carbon 
chain with a single polar head group. The surfactant is attached to the surface of the 
particle through electrostatic interactions between the head and charged sites on the 
surface (Figure 9.18c). As in the case of polyelectrolytes, the adsoiption density 
depends on the sign and number of surface charges. 
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Figure 9.18 Polyelecirolyie (a) in solution and (b) adsorbed on a charged surface. 
Adsorption of an amphiphilic ionic surfactant, forming (c) a hydrophobic monolayer and (d) 
a hydrophilic double layer 



Table 9.1 Adsorption of surlaciants on Fi02 powders (PZC = 4.7) [93]. Aqueous dispersion 
at 1 00 g/1 Ti02, SDS I mmol T~ DTAB 8 mmol 1~ NaCl 0.01 mol 1“ * 
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Since they contain only one ionized group, surfactants cannot act as bridges 
between particles. However, the oxide particles flocculate in water because the tail 
of the surfactant is hydrophobic. With the surfactant, the particles can be dispersed 
in a non-aqueous, non-polar solvent able to solvate the tail of the surfactant. 
Non-ionic surfactants [alkyl ethers of epolyethylene glycol of general fomiula 

= 18, n = 12-98] or long-chain monoacids 
[oleic acid CH3(CH2)7CH=CH(CH2)7COOH, lauric acid CH3(CH2)ioCOOH, 
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stearic acid CH3(CH2h6COOH] play a similar role. Fatty acids are used in the 
preparation of ferrofluids, in the dispersion of magnetite or maghemite particles in 
kerosene or various oils [94]. 

Dispersion of particle-surfactant systems in water occurs through the formation 
ot a double layer, according to a surface micellization process [95] (Figure 9.18d). 
The tails ot a second layer of surfactants interact with those of the adsorbed 
molecules, so that the,double layer formed at the surface is once again hydrophilic. 
This approach is used in the fabrication of magnetic ink for ink jet printers: 
oleic acid IS adsorbed on the surface of magnetite or maghemite particles [96]. 
Alter the particles have been rendered hydrophobic by oleic acid, they can be 
dispeised in water after subsequent adsorption by a surfactant [Triton N-101, C9H19 
C6 HsO(CH 2CH20)9H] in the presence of PEG, glycerol or monobutylether. 

9.3.3 POLYMER GRAFTING 

Polymers and ionic or non-ionic Surfactants may be desorbed by a chaime in the pH 
or competitive adsorption from small molecules. Anchoring the adsorbed layer may 
be greatly remtorced if chemical bonds are created through grafting reactions. This 
allows greater stability of dispersions, as well as the formation of protective layers 
on corrosive materials. It can also render surfaces hydrophobic and non-wetting, or 
allow fabrication of organic-inorganic hybrids. 

Several grafting techniques can be used [97]. They usually involve polymeriziiip 
monomers on the surface of the oxide, or the reaction between surface sites and a 
polymer containing a chemically reactive group. In polymerization reactions, the 
suilace must participate in one step of the reaction. Initiation of the reaction may occur 
on functional sites of the surface acting as catalysts in the polymerization process: 
-X* + monomer ^ -X-poIymer 

/ topagation of the reaction may take place on groups bound to the surface acting as 
monomers or co-monomers. Some surface sites may also deactivate chain growth 
and ensure termination of the polymerization: 

-Y + ‘monomer > -polymer + Y‘ 

The surface sites required to ensure incorporation of the particle into the macro- 
molecule must be created prior to the grafting reaction. Surface hydroxylated groups 
aie used, usually replaced by chlorine or a benzene ring in the case of silica. The 
proton may be replaced by alkyl groups. 

It is sometimes easier to activate the polymer rather than the oxide. Surface OH 
groups can react with chlorosilanes or alkoxysilanes incorporated into the polymer 
chain (styrene, methylmetacrylate, for example) in a toluene or xylene solution [97]: 

-M-OH + X-Si-(CH-CH2], ,-R -M-0-Si-(CH-CH2], -R -h HX 

I I 



0 



0 
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Such grafts have been made on various oxides: Si02, Ti02, Cr 203 , Fe 203 , ZnO, etc. 
The main parameters in the reaction are the reaction time, the polymer and oxide 
concentrations, the size of the macromolecule and the chemical nature of the oxide, 
on which the type and number of surface hydroxyl groups depend. Generally 
speaking, the amount of grafted polymer increases with increasing temperature 
(which increases chain mobility) and decrease's with the size of th^ macromolecule 
owing to steric effects. 

Another grafting technique, used for example in the case of Ti02, involves the 
use of a coupling agent such as titanium alkoxide Ti(OR 02 (OR )2 bearing several 
aikoxy groups, such as R^ = -CH(CH 3)2 or R~-COCi 7 H 35 [98]. The synthesis 
medium is chloroform, dichloromethane or diethylether. The R^ groups are more 
ramified and polar than R groups and readily hydrolyze with surface OH and 
adsorbed water, and the alkoxide condenses on the oxide surface. The synthesis of 
ordered multilayers of phosphonate of zirconium on silica is a very elegant illustra- 
tion of this technique [99]. The process involves functionalization, of silica in a 
phosphonic acid containing silyl groups (Figure 9.19), followed by immersion of 
the silica in zirconium oxychloride. The surface is subsequently treated with another 
phosphonic acid solution. The process is repeated several times to form a crystallized 
multilayer film. 

Polymer adsorption on an oxide surface is of great interest. The technique allows 
stabilization of dispersions in various aqueous or non-aqueous media; it also allows 

<pH3 

HO-Si-(CH2)3-P03H2 
CH3 



H 2 O 3 PC 8 HI 6 PO 3 H 2 

(3) ^ 



Po- (2) + (3) 

multilayer film 

POa^” 

Figure 9.19 Formation of multilayer films on the surface of silica particles. Reprinted with 
permission from [99]. Copyright 1991 American Chemical Society 
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Figure 9.20 Encapsulation of oxide particles through monomer polymerization in a ciouble 
layer 

the synthesis of organic— inorganic hydrids for various applications, or polymer 
encapsulation of particles. A surfactant adsorbed on the oxide, or on a grafted 
polymer, forms a double layer which stabilizes the particles again 3 t aggregation in 
water. Monomers ‘dissolve’ preferentially in the double' layer and can be poly- 
merized in situ using a water-soluble initiator. The polymer thus formed is bound to 
the. surface of the particles by the entanglement of its chains with those of the 
double layer [93,98] (Figure 9.20). 

The surface of oxide particles is not always as inert as is often assumed. In many 
respects it does play a role similar to that of discrete species in solution. The wide 
diversity of the phenomena observed implies a very rich suiTace cheinistiy that 
clearly demonstrates the unique nature of the oxide-liquid interface. In many 
instances, a complete description of its behavior requires the combination of concepts 
from solid state chemistiy with concepts from solution chemistry. Much resetirch is 
still necessaiy to understand completely the reactivity of this veiy unique space. 
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